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GENERAL INTRODUCTION 


American Chemical Society Series 
Scientific and Technologic Monographs 

By arrangement with the Interallied Conference of Pure and Applied 
Chemistry, which met in London and Brussels in July, 1919, the Ameri¬ 
can Chemical Society was to undertake the production and publication 
of Scientific and Technologic Monographs on chemical subjects. At the 
same time it was agreed that the National Research Council, in coopera¬ 
tion with the American Chemical Society and the American Physical 
Society, should undertake the production and publication of Critical 
Tables of Chemical and Physical Constants. The American Chemical 
Society and the National Research Council mutually agreed to care for 
these two fields of chemical development. The American Chemical 
Society named as Trustees, to make the necessary arrangements for the 
publication of the monographs, Charles L. Parsons, Secretary of the 
American Chemical Society, Washington, D. C.; John E. Teeple, Treas¬ 
urer of the American Chemical Society, New York City; and Professor 
Gellert Alleman of Swarthmore College. The Trustees have arranged 
for the publication of the American Chemical Society series of (a) 
Scientific and (b) Technologic Monographs by the Chemical Catalog 
Company of New York City. 

The Council, acting through the Committee on National Policy of 
the American Chemical Society, appointed the editors, named at the close 
of this introduction, to have charge of securing authors, and of consider-, 
ing critically the manuscripts prepared. The editors of each series will 
endeavor to select topics which are of current interest and authors who 
are recognized as authorities in their respective fields. The list of mono¬ 
graphs thus far secured appears in the publisher’s own announcement 
elsewhere in this volume. 

The development of knowledge in all branches of science, and espe¬ 
cially in chemistry, has been so rapid during the last fifty years and 
the fields covered by this development have been so varied that it is 
difficult for any individual to keep in touch with the progress in branches 
of science outside his own specialty. In spite of the facilities for the 
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examination of the literature given by'^ Chemical Abstracts and such 
compendia as Beilstein’s Handbuch der Organischen Chemie, Richter^s 
Lexikon, Ostwald’s Lehrbuch der Allgemeinen Chemie, Abegg’s and 
Gmelin-Kraut’s Handbuch der Anorganischen Chemie and the English 
and French Dictionaries of Chemistry, it often takes a great deal of 
time to coordinate the knowledge available upon a single topic. Con¬ 
sequently when men who have spent years in the study of important 
subjects are willing to coordinate their knowledge and present it in con¬ 
cise, readable form, they perform a service of the highest value to their 
fellow chemists. 

It was with a clear recognition of the usefulness of reviews of this 
character that a Committee of the American Chemical Society recom¬ 
mended the publication of the two series of monographs under the aus¬ 
pices of the Society. 

Two rather distinct purposes are to be served by these monographs. 
The first purpose, whose fulfilment will probably render to chemists in 
general the most important service, is to present the knowledge available 
upon the chosen topic in a readable form, intelligible to those whose 
activities may be along a wholly different line. Many chemists fail to 
realize how closely their investigations may be connected with other work 
which on the surface appears far afield from their own. These mono¬ 
graphs will enable such men to form closer contact with the work of 
chemists in other lines of research. The second purpose is to promote 
research in the branch of science covered by the monograph, by furnish¬ 
ing a well digested survey of the progress already made in that field and 
by pointing out directions in which investigation needs to be extended. 
To facilitate the attainment of this purpose, it is intended to include 
extended references to the literature, which will enable anyone interested 
to follow up the subject in more detail. If the literature is so voluminous 
that a complete bibliography is impracticable, a critical selection will 
be made of those papers which are most important. 

The publication of these books marks a distinct departure in the 
policy of the American Chemical Society inasmuch as it is a serious 
attempt to found an American chemical literature without primary 
regard to commercial considerations. The success of the venture will 
depend in large part upon the measure of cooperation which can be 
secured in the preparation of books dealing adequately with topics of 
general interest; it is earnestly hoped, therefore, that every member of 
the various organizations in the chemical and allied industries will recog¬ 
nize the importance of the enterprise and take sufficient interest to 
justify it. 
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PREFACE 


The history of the development of chemistry and molecular physics 
during the past few decades is largely an account of the growth of our 
conceptions of matter in the ionic condition. Whatever the shortcomings 
of the older ionic theory may have been, it has proved itself a powerful 
tool for the purpose of disclosing the structure of material substances. 
The intimate relation existing between matter and electricity, first in¬ 
ferred by Helmholtz as a consequence of Faraday’s laws, has been estab¬ 
lished as securely as the atomic theory itself. Present day conceptions 
as to the nature of matter are, in a large measure, the outgrowth of 
fundamental conceptions underlying the ionic theory. It is true that 
certain branches of molecular physics, to the development of which the 
ionic theory has contributed, have outstripped this theory in the impor¬ 
tance of the results obtained. Nevertheless, the further advance of 
chemistry is largely dependent upon the further development of our con¬ 
ceptions of matter in the ionic condition. 

A vast amount of experimental material relating to this subject has 
accumulated during the past thirty years. It is found scattered through 
the volumes of many journals and the transactions of scientific societies. 
Unfortunately, this material has nowhere been collected in a form ren¬ 
dering it available to those who are not primarily interested in this field. 
The purpose of the present volume is to present the more important of 
this material in a comprehensive and systematic manner, thus enabling 
the reader to gain a knowledge of the contemporary state of this subject 
without an undue expenditure of time and effort. It is hoped, too, that 
this volume will prove useful to those investigators in allied sciences, who 
find it diflSicult to ascertain the precise limitations underlying methods 
and ideas which they often find it necessary to apply in their own 
subjects. 

The systems treated are those in which ionic phenomena are most 
clearly in evidence. Metallic systems are included, for, although the 
nature of the metals is but little understood, the existence of a relation 
between the phenomena in metallic and electrolytic systems is unmis¬ 
takable. The treatment of metals is necessarily brief, since our knowl¬ 
edge of them is still very uncertain. The chemical aspects of metallic 
systems are, so far as possible, kept in the foreground. A more detailed 

7 



8 


PREFACE 


treatment of the experimental material relating to metals is unnecessary, 
since much of this has already been collected in various handbooks. 

Naturally, the major portion of this volume is devoted to a con¬ 
sideration of the properties of electrolytic solutions. The attempt has 
been made to present the subject broadly in order to bring out those 
elements of the phenomena which are common to solutions in all solvents. 
Solutions in non-aqueous solvents are treated somewhat more extensively 
than aqueous solutions, since the data relating to these solutions have 
not been collected heretofore. 

The subject is presented from an empirical standpoint, since an ade¬ 
quate theory of electrolytic solutions does not exist. Such theories as 
have been advanced in recent years give evidence of having been adapted 
to fit particular cases. In the end, the theory of electrolytic solutions 
will probably be a composite of various theories which now appear more 
or less applicable. Such a theory will doubtless embody some of the 
more fundamental elements of the older ionic theory. 

A complete bibliography has not been attempted. References given 
as footnotes will serve as a key to the literature. 

In conclusion, I wish to express my indebtedness to my colleague. 
Professor B. S. Merigold, for reading the manuscript and to Mr. Gordon 
W. Browne for his assistance in preparing the figures. 

C. A. K. 

Clark University, 

January 5, 1922. 
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THE PROPERTIES OF ELECTRICALLY 
CONDUCTING SYSTEMS 

Chapter I. 

Introduction. 

1. Classification of Conductors. The property of electrical con¬ 
ductance appears to be one common to all forms of matter. The value 
of the conductance of different forms of matter, however, varies within 
very wide limits. Thus, the specific conductance of silver has a value 
of 6.0 X 10^ while that of paralBSn is 3.5 X 10"^®. The specific con¬ 
ductance of gases under ordinary conditions is scarcely measurable. Nat¬ 
urally, the conductance of any given system depends upon its state; and, 
in general, any change in the condition of the system will materially 
affect the value of its conductance. 

Conductors may be conveniently grouped into a number of classes, 
the members of which possess many properties in common. 

2. Gases. Under ordinary conditions the conducting power of gases 
is of a very low order, and such conductance as they possess is not an 
intrinsic property of the gases themselves, but is due, rather, to the in¬ 
fluence of external agencies. Thus, under the action of various radia¬ 
tions, gases are ionized and when in this condition conduct the current. 
This power of conduction, however, is lost when the external source of 
excitation is cut off. Whether or not the gases themselves may possess 
in some slight degree the power of conducting the current is uncertain, 
since the conducting power of gases which have been entirely freed from 
disturbing effects is of such a low order that the usual methods of meas¬ 
urements fail. The conductance of a gas is a function of its density. 
It is probable that at high densities gases will exhibit properties com¬ 
parable with those of many liquids. In the case of hexane it has been 
shown that the residual conductance on purification is for the most part 
due to the action of external radiations, which indicates that the con¬ 
ductance, which many liquid substances of low conducting power possess, 
is not a property of the pure substances themselves. 

In gases, as well as in insulating liquids, under the action of external 
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radiations, we have systems which are liot in a state of equilibrium. 
These systems will not be further considered here, since they have been 
treated extensively in treatises dealing with the conduction of gaseous 
systems. In what follows we shall treat only such systems as are nor¬ 
mally in a conducting state. These may be divided into two classes; 
namely, metallic and electrolytic conductors. 

3. Metallic Conductors. Metallic conductors are characterized by 
the absence of material effects when a current passes through a system 
comprising one or more conductors of this class alone. In this respect 
metallic conductors are for the most part sharply differentiated from 
electrolytic conductors, in which concentration changes or other material 
effects accompany the passage of the current through any surface of 
discontinuity. It does not follow, however, that metallic and electro- 
Ijrtic conduction are entirely unrelated and that the two processes of 
conduction may not take place more or less simultaneously. Certain 
substances apparently conduct electrolytically when in one condition and 
metallically when in another. In other cases, a portion of the current 
appears to be carried by a’process similar to that in the metals and 
another portion by a process similar to that in electrolytes. 

Metallic conductors are also characterized by the relatively high 
value of their conducting power. While a few metals exhibit a value 
of the conductance comparable with that of electrolytes, the conductance 
of most metals is many times greater than that of electrolytes. If this 
is true at ordinary temperatures, it is even more true at lower tempera¬ 
tures where the resistance may ultimately fall off to practically zero. 
The problem of metallic conduction is one possessing great interest and 
one whose solution cannot but prove to be of great importance in the 
development of chemistry and molecular physics. At the present time, 
however, its solution appears far from complete. While metallic con¬ 
ductors come within the scope of the present monograph, it is not in¬ 
tended to treat this subject exhaustively. 

4. Electrolytic Conductors. Electrolytic conductors are character¬ 
ized, in the first place, by the fact that the passage of the current through 
them is accompanied by a transfer of matter. In a homogeneous elec¬ 
trolytic conductor this transfer of matter within the body of the con¬ 
ductor does not become apparent, but at any point of discontinuity 
material effects make their appearance. The material effects accom¬ 
panying the current are subject to certain definite laws commonly known 
as Faraday’s Laws. Conductors for which Faraday’s Laws hold true 
within the limits of the experimental error are termed electrolytic con¬ 
ductors, We have here to consider two classes of electrolytic conductors; 
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Fifgt, those which conduct the current when in a pure state and, second, 
those which conduct the current as a result of the presence of other sub¬ 
stances. This latter class of conductors is embraced within the term 
electrolytic solutions. 

a. Electrolytes Which Conduct in the Pure State. Within this class 
is included, in the first place, the fused salts. With a few exceptions, 
the fused salts are excellent conductors of the electric current. Their 
specific conductance near the melting point being of the order of 1.0, 
their conductance, therefore, is about 1 X 10’® that of silver. The salts 
are compounds between a strongly electronegative and a strongly electro¬ 
positive constituent, and it is seldom that such substances do not possess 
the power of conducting the current in a marked degree. As the electro¬ 
positive or electronegative nature of one or the other of the constituents 
becomes less pronounced, however, the conductance of the resulting 
compound is diminished. This is the case, for example, with mercuric 
chloride. ’ 

When hydrogen is combined with a strongly electronegative element 
or group of elements, the resulting compound, as a rule, exhibits electro¬ 
lytic properties. This, for example, is the case with water, which has 
been shown to conduct the current slightly when in a pure state. At 
18° its specific conductance has a value of 0.042 X 10’®. Other com¬ 
pounds of hydrogen exhibit similar properties. 

When hydrogen is combined with elements which are less strongly 
electronegative, the resulting compounds exhibit a lower conducting 
power. In the case of the hydrocarbons the conductance reaches ex¬ 
tremely low values and it is possible that these substances in the pure 
state do not possess the power of conducting the current. 

While substances in the fused state are, as a rule, better conductors 
than in the solid state, electrolytic conductors are not restricted to the 
fused state, since certain substances in the solid state have been found 
to conduct the current quite as readily as the fused salts. 

b. Electrolytic Solutions. The most common electrical conductors 
are those in which the conductance is due to a mixture of two or more 
substances. As a rule, one of these, the solvent, is present in consider¬ 
able excess and may itself be only a very poor conductor. In this case, 
the conductance is said to be due to the addition of the second compo¬ 
nent, termed the electrolyte. To this class belong all the ordinary solu¬ 
tions of salts in water. In some cases an electrolytic solution results 
when a substance, which itself in the pure state is a poor conductor, is 
added to a second substance which likewise is a poor conductor in the 
pure state. As an example, we may cite solutions of the acids in water. 
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Hydrochloric acid, for example, in the pure state has a conductance even 
lower than that of water. When dissolved in water, however, the con¬ 
ductance of hydrochloric acid is much greater than that of ordinary salts 
dissolved in the same solvent. This class also includes solutions of 
various organic oxygen and nitrogen compounds in the liquid halogen 
acids. This behavior, moreover, is not restricted to acids, since solu¬ 
tions of many bases, such as ammonia, result from a mixture of two 
components neither of which possesses considerable conductance in the 
pure state. Where an electrolytic solution results from a mixture of two 
components which are themselves non-conductors, it is probable that 
reaction takes place when the two components are brought together, as 
a result of which an electrolyte is formed. 

Apparently, electrolytic solutions result in all cases when typical 
salts are dissolved in liquids up to sufiBciently high concentrations. The 
property of forming electrolytic solutions with dissolved salts is thus 
not peculiar to water or solvents of the water type, but is a property 
common to all fluid media. It is true that the phenomena are materially 
altered as the nature of the solvent medium changes, but otherwise, if 
the solutions, are sufficiently concentrated, the order of the conductance 
values will not differ greatly in different solvents. 

Among the various properties of the solvent medium which appear 
to have a marked influence upon the properties of the resulting electro¬ 
lytic solution, the dielectric constant stands out as the most important 
factor. As the dielectric constant of the solvent medium decreases, the 
conductance of the resulting solutions is altered, but the power to con¬ 
duct the current is never lost, no matter how low the dielectric constant 
of the solvent medium may be. Thus, solutions of salts of organic bases 
in chloroform conduct fairly well. 

From the standpoint of the development of chemistry, solutions of 
electrolytes are of first-rate importance. Electrolytic solutions exhibit a 
variety of phenomena and admit of a variety of reactions which are not 
to be found in the case of any other system of substances. A great 
variety of reactions take place at the electrodes when solutions of elec¬ 
trolytes are electrolyzed, and, when solutions of electrolytes arc mixed, 
reactions take place between the constituent electrolytes. Reactions be¬ 
tween electrolytes are characterized by the extreme facility with which 
they occur. It is only in exceptional cases that the rate of such reac¬ 
tions is sufficiently low to admit of measurement. In solutions of elec¬ 
trolytes, therefore, we are dealing essentially with systems in equilibrium. 
This is of importance in their theoretical treatment, since thermodynamic 
principles may be readily applied to systems in equilibrium. 
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5. Electricity and Matter. While electrolytic solutions are thus of 
great importance from a practical point of view, they have played no 
less important a role in the development of our conceptions of the nature 
of matter and the nature of chemical reactions. That electricity and 
matter are intimately related was long since pointed out by Helmholtas 
as a consequence of Faraday’s Law. Since in electrolytes electricity and 
matter are associated in definite and fixed proportions, and since matter 
appears to be discrete in its structure, it follows that electricity also must 
be discrete in its fundamental structure.. Corresponding to the atoms, 
the smallest subdivisions of elementary substances, we have the funda¬ 
mental charge of electricity, the charge associated with a single univa¬ 
lent ion, which represents the smallest known subdivision of the electric 
charge. The development of the mechanics of the atoms in the last two 
decades has greatly enlarged our knowledge of the fundamental relation 
between electricity and matter. The fundamental charge of electricity, 
the charge associated with the negative electron, is objectively as real as 
the atoms and the molecules themselves. The intimate relation of the 
fundamental charge with the atoms or groups of atoms, which play so 
important a part in many chemical reactions, makes it appear probable 
that in chemical reactions the negative electron is primarily concerned. 
The horizon of chemistry is rapidly broadening in this direction, and a 
study of electrolytic systems will unquestionably play a great part in 
the ultimate elucidation of the mechanics of chemical reactions. 

6. The Ionic Theory. To account for the various phenomena which 
have been observed in electrolytic solutions, the ionic theory has been 
introduced. While ordinarily the ionic theory is supposed to include 
fundamentally those concepts first introduced by Arrhenius, this theory 
is, in fact, a composite theory in which many molecular mechanical 
hypotheses are combined. It is to Arrhenius that is due the credit of 
first having developed a theory of electrolytes, quantitative in its nature, 
the correctness of which it was possible to determine by exact quantita¬ 
tive methods. While the gaps left in the theory of electrolytic solutioiiH 
by the work of Arrhenius may not be overlooked, it should not be for¬ 
gotten that up to the present time no other theory has been proposed 
which is equally well able to account for so many and for so large a. 
variety of facts. 

The introduction of the theory of Arrhenius has, from the start, met 
with the most determined opposition on the part of many chemists. It 
is interesting, now, to note that in recent years the basis of the objections 
to the theory of Arrhenius has greatly shifted and many of the originally 
proposed objections have since been found to be without foundation. 
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Nevertheless/the opposition to the theory of Arrhenius has continued to 
find supporters even up to the present time. In part, at least, this oppo¬ 
sition has been due to a realization on the part of chemists of the limi¬ 
tations of the theory of which its author has himself been aware. One 
of the fundamental truths which the theory of Arrhenius has brought 
to the attention of chemists is the existence of equilibria in electrolytic 
systems; and, however the details of his theory may subsequently be 
modified, it would appear that this most fundamental element of his 
theory must always be retained. 



Chapter II. 


Elementary Theory of the Conduction Process in 
Electrolytes. 

1. Material Effects Accompanying the Conduction Process. That 
material effects accompany the passage of the current through a non- 
metallic medium was known at an early date. Thus Nicholson and 
Carlisle ^ observed the decomposition of water, and Sir Humphrey Davy ^ 
isolated the element potassium by electrolysis of the hydroxide. While 
it was thus recognized that chemical action is intimately associated with 
the passage of the current through an electrolyte, the quantitative rela¬ 
tionships were not studied until Faraday carried out his classical re¬ 
searches. It is unnecessary to give here in detail the results of Faraday^s 
investigations. It will be sufficient to state the laws which now bear his 
name; namely, that chemical action accompanying the passage of the 
current is proportional to the quantity of electricity passing, and that, 
for a given quantity of electricity, the chemical effects in the case of 
different reactions are equivalent. These laws have since been verified 
by a multitude of observations on the action of the current passing 
through electrolytes. The most exact measurements have been made 
on the deposition of silver and on the liberation of iodine.^ In all cases, 
Faraday’s Law has been found to hold within the limits of experimental 
error. It has been found to hold in the case of fused salts at higher tem¬ 
peratures,^ as well as in that of certain solid electrolytes.'^ 

There are cases, indeed, where apparent exceptions to Faraday’s Law 
appear. For example, when a current is passed through a solution con¬ 
taining a compound of sodium and lead in equilibrium with metallic 
lead, there are deposited on the anode 2.25 equivalents of lead per equiva¬ 
lent of electricity.^ Similar results have been obtained in the case of 
solutions of certain other metallic complexes in liquid ammonia.’’ These 
cases, however, do not constitute an exception to Faraday’s Law, since 
there are present in these solutions, presumably, a series of complexes 

1 Nicholson and Carlisle, Nicholson’s Jour, Jf, 170 (1800) ; Qilhert’s Ann. 6, 340 (1800) 

^Phil. Trans. 100, 1 (1808). 

“Bates and Vinal, J. Am. Chem. Soc. 36, 930 (1914). 

* Richards and Stull, Proc. Am. A cad. 38, 409 (1902). 

“Tubandt and Lorenz, Ztschr. /., phj/s. Chem. 87, 513 (1914). 

“Smyth, J. Am. Chem. Soc. 3!), 1299 (1917). 

Peck, J. Am. Chem. Soc. J/O, 335 (1918). 
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whose average composition corresponds to the reaction which occurs at 
the electrode on electrolysis of these solutions. The precipitation at the 
anode in these solutions corresponds to the average composition of the 
complex. 

The solutions of the alkali metals and the metals of the alkaline 
earths in liquid ammonia constitute another apparent exception to Fara¬ 
day’s Law, and in order to reconcile the results obtained in the case of 
these solutions with Faraday’s Law it is necessary to extend it.® When, 
for example, a current is passed through a solution of sodium in liquid 
ammonia, only a fraction of the current appears to be accompanied by 
an observable material process. These solutions, therefore, behave as 
though the current were in part carried by an electrolytic and in part 
.by a metallic process. In order to reconcile these results with Faraday’s 
Law, it is necessary to assume that the process of metallic conduction is 
likewise an ionic one, the current in this case being carried by the nega¬ 
tive electrons. If this hypothesis is made, then Faraday’s Laws hold in 
these cases also. 

Faraday’s Laws lead to important conclusions, not only with regard 
to the mechanism of the conduction process in electrolytes, but also with 
regard to the relation between electricity and matter. Interpreted from 
a molecular kinetic point of view, Faraday’s Laws state that definite fixed 
quantities of electricity are associated with definite amounts of matter. 
As Helmholtz ^ pointed out, if matter consists of discrete particles, then 
electricity likewise is discrete in character. Corresponding to the atom, 
the smallest subdivision of matter, we have a fundamental electric 
charge, namely,- the charge on a univalent ion. The charge, therefore, 
on any given particle of matter, whether it be of molecular or atomic 
dimensions or whether it be of larger dimensions as, for example, a drop 
of oil, may not be varied continuously but only in multiples of the unit 
charge. The discontinuous nature of the electric charge is one of the 
fundamental facts underlying electrochemical phenomena and must be 
taken into account in the interpretation of these phenomena. 

The reactions accompanying the passage of the current through an 
electrode surface indicate clearly that an intimate relation exists between 
chemical and electrical phenomena. Berzelius attempted to account 
for the structure of chemical compounds by means of an electrical 
hypothesis. In this, however, he was unsuccessful, largely because he 
assumed a false mechanism as representing the association between 
electricity and matter. Instead of associating the charge with the atoms 

8 Kraus, J. Am. Chem. Soc. SO, 1323 (1908) ; 36, 864 (1914) 

• Helmholtz, J. Chem. 8oc. 39, 277 (1881) ; Wiss. Ahh 3 p 52 

10 Berzelius, Lehrluch, Ed. 3, Vol. 5 (1835) ; Ostwald, Electrochemie, p. 335 
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themselveS; in his theory, he associated the charge with certain atomic 
complexes, which complexes in fact do not exist. Present day concep¬ 
tions regarding the constitution of chemical compounds do not differ in 
many respects from those of Berzelius save that it is assumed that the 
charge is associated with the atoms. In recent years, as a result of ex¬ 
perimental methods which have enabled us to gain an insight into the 
structure even of the atoms themselves, it is becoming more and more 
apparent that, in their compounds, the elements exist not in an atomic, 
but in an ionic, that is, in a charged, state. Under ordinary conditions 
this state of the elements in a compound is not clearly evidenced, except 
in the case of such compounds as are electrolytes when dissolved in 
suitable solvents or when in a fused state. From the standpoint of chem¬ 
istry, the study of the properties of electrolytes is therefore not so much 
an end as a means. In other words, the study of the properties of 
electrolytes constitutes a convenient method of acquiring knowledge 
regarding the constitution of various chemical compounds. 

Faraday was not content to merely state the results of his observa¬ 
tions and to combine these observations in the form of general laws. 
He attempted to gain an insight into the mechanism of the processes 
involved. It is often assumed that the ionic theory dates from the 
time when Arrhenius co-ordinated the work of earlier investigators and 
suggested a means for determining the relative amount of carriers present 
in an electrolytic solution under given conditions. The ionic theory, 
however, is much older than this. Its foundation was laid by Faraday 
who recognized that in an electrolyte the current is carried by positive 
and negative electrical charges associated with definite material com¬ 
plexes moving in opposite directions through the solution. The terms 
which we now employ to describe the phenomena observed in the pas¬ 
sage of the current through an electrolyte are due to Faraday, and in 
themselves contain the concept of motion. The chief contribution of the 
later ionic theory consisted in devising methods which made it possible 
to determine the number of carriers present in an electrolytic solution. 
Whether or not these methods, in fact, give us a true measure of the 
number of ions present under various conditions in no wise affects the 
correctness of the more general conceptions upon which the ionic theory 
is based. 

2. Concentration Changes Accompanying the Current: Hittorfs 
Numbers. The concentration changes in the neighborhood of the elec¬ 
trodes were first investigated by Hittorf.^^ The fundamental conception 

“ Faraday, “Experimental Researches,” Vol. 1. 

«Hittorf, Pogg. Ann. 89, 177 (1853). 
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underlying these concentration changes is that, within the solution, the 
electric current is carried by positive and negative carriers which move 
with velocities proportional to the potential gradient existing in the 
solution. Within the body of the electrolyte itself. Ohm’s law is obeyed. 
The observed concentration change at an electrode is thus the resultant 
of two effects; namely, loss or gain due to the reaction at the electrode 
and loss or gain due to the motion of the positively and negatively 
charged carriers. The simplest case is that in which precipitation of 
the ions takes place at the electrodes. Let us assume that the charge u 
is transported through the solution by the cation and the charge v by 
u 

the anion. Then —;— will be the fraction of the charge carried by the 
u + v 

positive ion and - -- the fraction of the charge carried by the negative 

ion. If one equivalent of material is precipitated at the cathode, then 
u and V will represent the number of equivalents of matter carried up 
to the electrodes as cation and anion respectively. The concentration 
change in the neighborhood of the cathode will correspond to a loss of 
one equivalent of the electrolyte due to precipitation at the electrode and 


to a gain of 


u 


equivalents carried up to the electrode by the cations. 


The total observed concentration change, , therefore, will be equal to the 


difference of these two or to a loss of 




equivalents. Similarly, 


Vf 

at the anode, the change will correspond to — equivalents. It is 

evident that, if the concentration change due to the passage of a given 
charge is known and if the nature of the electrode reactions is known, 

then the ratios —— and —;— may be determined. These ratios, 
u + vu-\-v ’ 

which Hittorf termed the “transference numbers” of the cation and anion, 

respectively, we shall denote by the symbols n and 1 — n. 

In determining the transference numbers of an electrolyte by the 

method of Hittorf,. the concentration changes are measured with respect 

to water. In other words, the determination of these numbers is based 

upon the assumption that water itself remains at rest, and is in no wise 

concerned in the process of the transfer of electricity through the solution. 

We now know that this condition is not strictly fulfilled and that water 

plays a part in the conduction process. When a current of electricity 

passes through an aqueous solution, the solvent itself is transferred to 

some extent along with the ions. Obviously, this will affect the concen- 
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tration changes observed at the electrodes. In order to determine the 
relative amounts of solvent transferred by the two ions, it is necessary 
that there should be present in the solution some reference substance 
which remains at rest when the current passes through the solution. The 
concentration changes may then be referred to this reference substance 
and the true transference numbers of the electrolyte determined, together 
with the relative amounts of water associated with the transfer of the 
charge through the solution. Since the results of such measurements will 
be discussed in detail in another chapter, it will be unnecessary to proceed 
further with their discussion here. They have been alluded to at this 
point merely for the purpose of calling attention to the fundamental 
assumption underlying the Hittorf method of determining transference 
numbers. 

That the passage of the current through an electrolyte is accompa¬ 
nied by a transfer of matter may also be shown by other means, as, for 
example, by introducing a surface of discontinuity^® in the path of a 
conducting electrolyte. Such surfaces of discontinuity may be observed 
visually and thus yield a very direct method for demonstrating the trans¬ 
fer of matter by means of the current within the body of the electrolyte. 
If, for example, a solution containing hydrochloric acid is superimposed 
on a solution containing potassium chloride and a current is passed 
through the boundary of these solutions in such direction that the more 
rapidly moving ion, namely, in this case, the hydrogen ion, precedes 
the more slowly moving ion, the potassium ion, then the boundary be¬ 
tween the two solutions will advance in the direction of the positive 
current. The rate of motion of the boundary under a given potential 
gradient will depend upon the speed of the carriers. If a solution of an 
electrolyte is placed between solutions of two other electrolytes, each of 
which has one ion in common with the first, then, under the action* of a 
potential, the two boundaries will move in opposite directions, the boun¬ 
dary between the cations moving toward the cathode and that between 
the anions toward the anode. It is of course necessary that the condi¬ 
tions for stability of the boundaries should be fulfilled. This requires 
that at each boundary the more rapidly moving ion shall move in ad¬ 
vance of the more slowly moving ion. Allowing for certain corrections 
which must be made, the ratio of the speeds of the two boundaries is 
proportional to the current carrying capacities of the two ions.^^ 

While the method of moving boundaries may thus be employed for 
measuring the transference numbers of electrolytes, its chief value, per- 

Lodge, Brit. Asa. Reports^ p. 389 (1886). 

Lewis, J. Am. Chem. 8oo. 32, 863 (1910). 
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haps, lies in that it enables us to observe the motion of the electrolyte 
within the solution visually. 

The results of transference measurements cannot be interpreted with¬ 
out a knowledge of the nature of'the ions within the solution. The 
transference numbers are calculated from the observed concentration 
changes on an assumption as to the nature of the ions themselves. For 
example, in determining the transference numbers of potassium chloride 
by the Hittorf method, it is assumed that only potassium is transferred 
to the cathode and chlorine to the anode. If, however, ions different from 
those assumed exist in the solution, these will take part in the transfer 
of electricity and will have an influence upon the observed concentration 
changes at the electrodes. The question as to whether or not the ions 
have the simple structure commonly assumed is one which ultimately 
must be answered on the basis of considerations derived from other prop¬ 
erties of these solutions. That complex ions are formed in the case of 
certain solutions was conclusively shown by Hittorf.^® He found that 
in solutions of cadmium iodide the transference number of the cation, 
as measured, is greater than unity. Since this ion cannot transport 
more current than the total passing through the solution, it is obvious, as 
Hittorf pointed out, that the result may be accounted for by assuming 
that complex cations are formed by means of which iodine is transferred 
from the anode to the cathode. The effect of this is to lessen the con¬ 
centration increase of iodine in the neighborhood of the anode due to 
the transfer of the iodide ion. 

If either positive or negative ions of more than one kind occur in 
solution, an equilibrium must exist among them by virtue of which the 
relative concentration of these ions will be a function of the total con¬ 
centration of the salt. In general, with decrease in concentration, the 
more complex ions break up into simpler ones. It follows, therefore, 
that if complex ions exist in solution, the transference numbers should 
vary as a function of the concentration. 

We may now examine the numerical values of the transference num¬ 
bers which have been determined for various electrolytes and which are 
given in Table 1.^® At a concentration of 5 millimols per liter, the cation 
transference number for sodium chloride, for example, is 0.396. Corre¬ 
spondingly, the anion transference number is 0.604. This means that in 
a sodium chloride solution of this concentration the fraction 0.396 of 
the current is carried by positively charged carriers, and the remainder 
by negatively charged carriers. It will be observed that, in general, the 

« Hittorf, loo. cit. 

Noyes and Falk, J. Am. Chem. Soc. 33, 1436 (1911). 
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TABLE I, 

Cation Transference Numbers (X 10^) of Various Electrolytes in 
Water at or near 18^^. 


Electrolyte 

Temp. 

0.005 

0.01 

NaCl . 

... 18° 

396 

396 

KCl .. 

...18 

496 

496 

LiCl . 

...18 

• • . 

332 

NH^Cl . 

.... 18 


492 

NaBr . 

...18 

395 

395 

KBr . 

...18 

. , , 

495 

AgNOa. 

...18 

. . . 

471 

HCl . 

...18 

832 

833 

HNO 3 ...... 

...20 

839 

840 

BaClj . 

...16 


. . . 

CaClj . 

... 20 

440 

432 

SrCl^ . 

...20 

* . . 

441 

CdClj . 

...18 

430 

430 

CdBig . 

...18 

430 

430 

Cdlj. 

...18 

445 

444 

Na^SO, .... 

...18 

, , , 

392 

K 3 SO, . 

...18 

• . , 

494 

TI 2 SO,. 

...25 


. > . 

H 3 SO, . 

...20 

. . . 

• • • 

m'^0,), .. 

...25 

. . . 

. . . 

.. 

...25 


. . . 

MgSO,. 

...18 

388 

385 

CdSO, . 

...18 


389 

CuSO* . 

...18 





Concentration 




0.02 

0.05 

0.1 

0.2 

0.3 

0.5 

1.0 

396 

395 

393 

390 

388 

382 

369 

496 

496 

495 

494 

. . . 

• . • 

. • . 

328 

320 

313 

304 

299 

. • . 

. • . 

492 

492 

. * . 

... 

. . . 

... 

• • • 

395 

< . . 

• • . 

. . . 

• . . 

• * • 

• . . 

495 

* . . 

... 

... 

... 

. * . 

. . . 

471 

471 

471 

• • • 

• . . 

• . • 

. . • 

833 

834 

835 

837 

838 

840 

844 

841 

844 

420 

408 

401 

391 


424 

413 

404 

395 

389 

... 

... 

435 

427 

« . . 

... 

... 

... 

• . • 

430 

430 

430 


... 

. . . 

. . . 

430 

430 

429 

410 

389 

350 

222 

442 

396 

296 

127 

46 

3 

... 

390 

383 

• • • 

. . . 

... 

... 

... 

492 

490 

... 

... 

... 

• . • 

... 

• * . 

478 

476 

. . . 

. • . 

. . . 

... 

822 

822 

822 

820 

818 

816 

812 

- • « 

456 

456 

456 

* • • 

... 

... 

. . • 

487 

487 

. . . 

... 

... 


381 

373 

... 

. . . 

. . . 

. . . 

. . . 

384 

374 

364 

350 

340 

323 

294 

375 

375 

373 

361 

348 

327 

. • . 


transference numbers are functions of the concentration. This concen¬ 
tration effect is much more pronounced in concentrated than in dilute 
solutions, where these numbers appear to approach limiting values. If 
the underlying assumptions are correct and if complex ions are not 
present in solutions of these electrolytes, then the change in the trans¬ 
ference numbers at higher concentrations indicates a change in the rela¬ 
tive speed of these ions. In general, at higher concentrations the trans¬ 
ference number of the more slowly moving ion decreases. A portion of 
the effect at higher concentrations may be due to a transfer of water 
with the ions. But this is not sufficient to account for the entire change 
in the transference numbers. In most cases, the change in the transfer¬ 
ence numbers does not become pronounced until concentrations are 
reached where the viscosity of the solution is materially affected by the 
electrolyte. Since the motion of a particle through a viscous medium 
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is a function of its viscosity, it may be inferred that in part, at least, 
the variation in the transference numbers at the higher concentrations 
is due to the change of the viscosity of the solution. 

It will be observed that the transference numbers for potassium 
chloride are very nearly 0.5. In other words, in the case of this salt, 
each ion carries very nearly one half of the current. If the frictional 
resistance, which an ion meets in its motion ‘through the medium, is inde¬ 
pendent of the sign of its charge, then this indicates that the two ions 
have approximately the same dimensions. This is borne out by the 
measurements of Washburn who showed that these ions are hydrated 
to approximately the same extent. 

The transference numbers of electrolytes are functions of the tem¬ 
perature. In Table II are given the transference numbers of a number 

TABLE II. 

Cation Transference Numbers (X 10‘^) of Various Electrolytes as 
Functions of the Temperature. 


Temp. 

NaCl 

KCl 

HCl 

BaCl, 

0“ 

387 

493 

845 

437 

10 

• • • 

495 

. 841 

441 

18 

397 

496 

833 

. . . 

30 

404 

498 

823 

444 

50 

« • • 

... 

801 

475 

96 

• • . 

• « . 

748 

. • , 


of electrolytes at temperatures from 0° to 96° at concentrations in the 
neighborhood of 0.015 N. In the case of potassium chloride, the trans¬ 
ference number varies only very little with the temperature, whereas in 
that of sodium chloride the transference number of the cation increases, 
and in that of hydrochloric acid it decreases. As we shall see later, it is 
a general rule that with increase of temperature the transference numbers 
of all electrolytes approach the value 0.5. The transference numbers of 
ions having values greater than 0.5, therefore, decrease with increasing 
temperature; and those having smaller values increase under the same 
conditions. 

3. The Conductance of Electrolytic Solutions, The conductance of 
an electrolytic solution is a function of the various factors which deter¬ 
mine its condition, such as concentration, temperature, etc. The quan¬ 
tity actually measured is the specific conductance of the solution. This 
is defined as the conductance in reciprocal ohms of a column of electro- 

Washburn, J. Am . Chem . 8 oc . 31 , 322 (1909). 

Noyes anU Falk, loo . cit . 
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lyte having a cross-section of 1 sq. cm. and a length of 1 cm. The spe¬ 
cific conductance is a function of concentration, increasing, iii general, 
with increasing concentration. However, in the case of certain electro¬ 
lytes at very high concentrations, the specific conductance passes through 
a maximum. This is the case, for example, with sulphuric and hydro¬ 
chloric acids dissolved in water, as well as with certain other electro¬ 
lytic solutions. 

The specific conductance, however, is a quantity which is not well 
adapted to the purpose of comparing the conductance of different electro¬ 
lytes. In the case of this property, as in that of many others, it is ad¬ 
vantageous to refer the numerical values to equivalent amounts of the 
dissolved electrolyte. If, therefore, the conductance of a given electro¬ 
lyte at two given concentrations is to be compared, the specific con¬ 
ductance is divided by the equivalent concentration. This quantity is 
called the equivalent conductance. As stated above, the specific con¬ 
ductance is referred to a unit cube of the electrolyte; that is, to a cube 
having a length of 1 cm. and a cross-section of 1 sq. cm. In order to 
avoid unnecessary factors in the expression for the equivalent con¬ 
ductance, it is desirable to express the concentration of the electrolyte 
„ in equivalents per cubic centimeter, rather than in equivalents per liter.^® 
In what follows we shall employ the Greek letter t] to express the con¬ 
centration in equivalents per c.c., while the letter C will be employed to 
express the concentration in equivalents per liter. We have therefore 
IOOOt] = C. If we represent the equivalent conductance by the Greek 
letter A, and the specific conductance by the Greek letter p, then we 
obviously have: 


( 1 ) 


. p _ lOOOp 


The value of the equivalent conductance A measures, in fact, the 
conducting power of the electrolyte in a solution of a given concentra¬ 
tion. Suppose, for example, that one equivalent of electrolyte were con¬ 
tained between two electrodes 1 cm. wide, separated by 1 cm,, and of 
indefinite extent vertically. If the entire electrolyte were contained in 
1 cu. cm. of liquid, then the equivalent conductance would obviously be 
equal to the specific conductance at this concentration, which is unity. 
If, now, more solvent were added to this solution, the amount of solute 
remaining constant, the concentration of the solution would be decreased. 
At the same time there would be an increase in the electrode area, but 
the total amount of conducting material between the electrodes and the 

“ Kolilrausch and Holborn, “Leitvermogen der Elektrolyte,” 1898, p. 84. 
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averag© distance which the conducting particles would have to travel 
between these electrodes would remain fixed. If the cell were filled to a 
height of I centimeters and if the conductance of the solution between 
the pair of electrodes were A, then, since the electrode area is equal to 
the reciprocal of the concentration, i.e., to l/J, it follows that the specific 
conductance of this solution would be: 

A . 

[X = y- = Ay) 

Therefore, in order to compare the conducting power of a solution of a 
given electrolyte at different concentrations, we divide the specific con¬ 
ductance of the solution by the concentration and compare the values 
of this ratio, namely the values of A. Similarly, in comparing the con¬ 
ducting power of solutions of different electrolytes in the same or different 
solvents at the same concentration, the values of the equivalent con¬ 
ductance of the electrolytes at that concentration are obviously to be 
compared. The equivalent conductance is a measure of the conducting 
of an equivalent amount of material. In comparing the conducting 
power of solutions, therefore, we require the values of the equivalent 
conductance A for these solutions. 

Values of the equivalent conductance of typical electrolytes in water 
at 18° are given in Table III.^® The concentrations in this case are ex¬ 
pressed in equivalents per liter. It will be observed that as the concen¬ 
tration of an electrolyte in water decreases, its equivalent conductance 
increases. For a decrease in the concentration in the ratio of one to two 
between normal and half normal, the equivalent conductance of a binary 
electrolyte increases approximately 30%. For a corresponding decrease 
in concentration between 1 and 0.5 milli-equivalent per liter, the equiva¬ 
lent conductance increases less than 1%. It is apparent, therefore, that 
as the concentration decreases, the equivalent conductance approaches a 
limiting value. 

The relation between the equivalent conductance and the concentra¬ 
tion is shown graphically in Figure 1, where values of the equivalent 
conductance of aqueous solutions of KCl, NaCl and LilOy are plotted 
as ordinates and the logarithms of the concentrations as abscissas. The 
curves for different electrolytes are evidently similar in form. As the 
concentration decreases, the equivalent conductance apparently ap¬ 
proaches a definite value as a limit. A curve of this type, however, does 
not lend itself to a determination of the limiting value which the con¬ 
ductance approaches as the concentration decreases indefinitely. For 

Noyes and Falk, J. Am. Chem. Soc, S4, 454 (1912). 
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the purposes of graphical extrapolation it is preferable to employ some 
function of the concentration which brings the point of zero concentra¬ 
tion to which the extrapolation mus;t be carried, to one of the axes on the 
plot. A convenient function which yields a simple type of curve is t e 
cube root of the concentration. Such plots for potassium chloride and 
sodium chloride are shown in Figure 2. If the curves for potassium 
chloride and sodium chloride are extrapolated, they yield for the limit¬ 
ing value of the equivalent conductance values in the neighborhood of 
130.0 and 108.9 respectively. The value obtained for Ao will, of course, 
depend upon the extrapolation function employed. In another chapter 



various functions proposed for this purpose will be discussed more m 
detail. For the present it will be sufficient to employ approximate values 
for the purpose of comparing the behavior of different electrolytes. 

The equivalent conductance of hydrochloric acid is much peater than 
that of the salts. The conductance curve, however, is similar in form 
to that of the salts. That is, with decreasing concentration, the equiva¬ 
lent conductance approaches a limiting value. In the case of hydro¬ 
chloric acid this value is in the neighborhood of 380 at 18°. We may 
now ask the question: To what are the differences in the values of the 
equivalent conductance of the different electrolytes due? Why, for ex¬ 
ample, is the equivalent conductance of hydrochloric acid greater than 
that of potassium chloride? Or, in other words, to what is the greater 
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conductance of hydrochloric acid due? It will be recalled that at a 
temperature of 18® and a concentration of 0.01 normal, for example, the 
value of the transference numbers of the positive ions in sodium chlo¬ 
ride, potassium chloride and hydrochloric acid are 0.396, 0.496 and 
0.833 respectively. In the case of these electrolytes the negative carrier 



0.0 o.z 0.4^ o.e 0.0 1.0 

Cube Root of Concentration, 

Fig. 2. Showing A as a Function of 


is presumably the same, namely, the chloride ion, and it is only the posi¬ 
tive carriers which differ in these electrolytes. If, then, the negative 
carriers are the same in solutions of these electrolytes, it may be assumed 
that the current carried by these carriers in these solutions under the 
same conditions of temperature and concentration will be approximately 
the same, and consequently the difference in the conducting power of 
these electrolytes is due to the difference in the conducting power of 
their positive carriers. The carrying capacities of the sodium, potassium 
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and the hydrogen ions are, therefore, 0.656, 0.984 and 1.972 times that 
of the chloride ion respectively. In other words, the carrying capacity 
of the hydrogen ion is 3 times that of the sodium ion and 2 times that 
of the potassium ion. If the tables of the conductance and of the trans¬ 
ference numbers are compared, it will be seen that in the more dilute 
solutions it is generally true that, for salts having an ion in common, 
those salts whose ions have greater transference numbers likewise have 
greater conducting power. 

We now come to an important generalization due to Kohlrausch,^® 
namely: In a solution of a single electrolyte, the two ions move inde¬ 
pendently of each other. Therefore, we may determine the fraction of the 
current carried by each ion, or, in other words, the conductance of each 
ion in a given solution, by multiplying the equivalent conductance of 
the solution by the transference number of the electrolyte in this solu¬ 
tion. If this is true, then, in a solution of sodium chloride having a 
concentration of 0.01 normal at 18°, the conductance due to the sodium 
ion is 101.88 X 0.396 40.34. Similarly, the conductance of the 

potassium and hydrogen ions under the same conditions is: 

Ag; = 122.37 X 0,496 = 60.69 
and Ajj = 369.3 X 0.833 = 307.63 

In these solutions the conductance of the chloride ion is 61.54, 61.68 and 
61.67 for NaCl, KCl and HCl respectively. The conductance of the 
chloride ion is thus very nearly the same in equivalent solutions of these 
electrolytes. It is, however, by no means certain that the conductance 
of a given ion will in all cases be the same in solutions of different salts. 
If the transference numbers of an electrolyte are known at a given con¬ 
centration, then the conductance of its ions may be calculated. 

4. Ionization of Electrolytes. As we have seen, the equivalent con¬ 
ductance of a solution, which measures, so to speak, the conducting 
power of the dissolved electrolyte under given conditions, increases with 
decreasing concentration and appears to approach a limiting value. The 
current passing through an electrolyte under given conditions is carried, 
in the case of the simpler types of salts, by two charged constituents, 
namely the positive and the negative carriers, which, according to Fara¬ 
day, are termed the cation and the anion respectively. The relative 
amounts of the current carried by the positive and negative ions may 
be determined by means of transference experiments, which depend ulti¬ 
mately upon the concentration changes produced by the motion of the 

2®Gottinger, “Naclirichten,” 1876, p. 213. 
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carriers. If the current in a solution of an electrolyte is effected through 
the motion of charged carriers within the electrolyte, then we may in¬ 
quire: What fraction of the electrolyte present in the solution is con¬ 
cerned in the process of conduction; that is, what fraction of the electro¬ 
lyte exists in an ionic condition? 

Clausius suggested that electrolytes are ionized, but he failed to 
draw any definite conclusion as to the extent of this ionization. In his 
time, the notion that a stable compound, such as potassium chloride, 
could be dissociated and moreover dissociated into oppositely charged 
constituents was contrary to accepted theories. Clausius was therefore 
content to merely throw out the suggestion that electrolytes are to some 
extent dissociated. 

The conclusion that an electrolyte is dissociated follows almost neces¬ 
sarily from the work of Kohlrausch and Hittorf, although neither of 
these investigators actually drew this conclusion. It was Arrhenius 
who proposed the fundamental hypothesis that an electrolyte in solution 
is dissociated and that the degree of its dissociation may be determined 
by means of the conductance of its solutions. Moreover, he showed that 
the dissociation as measured in this way is in agreement with many 
other well-known properties of these solutions. 

, We have seen that, as the concentration of a solution decreases, its 
equivalent conductance increases and approaches a limiting value. We 
have also seen that the positive and negative ions within the electrolyte 
appear to move at definite rates under fixed conditions, provided the con¬ 
centration of the solution is not too great, and that the motion of the 
ions under these conditions takes place independently for each ion. If 
these conclusions are correct, then it appears that a logical explanation of 
the facts would be that, in the more concentrated solutions, a portion of 
the electrolyte has been, removed from a condition in which it is able 
to take part in the conduction process, while the fraction of the sub¬ 
stance which remains in a conducting condition is measured by the ratio 
of the conductance at a given concentration to the conductance at very 
low concentrations, where apparently all the electrolyte takes part in the 
conduction process. 

Let Y represent the fraction of the salt present in a conducting state; 
then the relative amount of the salt present in this state at any con¬ 
centration will be given by the ratio: 


( 2 ) 


A 

Ao' 


« Clausius, Pogg. Ann. 101, 338 (185T). 

« Arrhenius, Bijhanj till K. Svenska, Vet. Akad. Handl. No. 13, 1884; Sixth Circular 
of the British Association Conunittee. for ^Electrolysis, May, 1887; Ztschr, f. phys. Chem» 
1, 631 (1887), 
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where A is the equivalent conductance of the solution at the concentra¬ 
tion C, and Ao is the limiting value which the conductance approaches 
as the concentration decreases without limit. According to this theory, 
we may calculate the fraction of electrolyte in an ionized condition, if 
we know the equivalent conductance and the limiting value which the 
equivalent conductance approaches at zero concentration. In Table III 
were given values of the equivalent conductance of a number of electro¬ 
lytes at a series of concentrations. The approximate limiting values 
Ao, which the equivalent conductance approaches at low concentrations, 
appear in the second column of that table. From these values we may 
calculate the degree of ionization of the electrolytes at any concentration 
falling within the intervals given. In the case of potassium chloride, 
for example, Ao = 130.0, approximately, and the equivalent conductance 
at normal concentration is 98.22. Therefore, the ionization of potassium 
chloride at this concentration is approximately 75%; that is, of the total 
potassium chloride present in solution at this concentration, 75% is con¬ 
cerned in the actual process of conduction and 25% takes no part in this 
process. 

The ionization values of various electrolytes in water at 18° are given 
in Table IV.^^ It will be observed that the ionization of salts of the 

TABLE IV. 

Ionization Values of Electrolytes in Water at 18°. 


Concentra¬ 
tion, C. 10-" 2 X lO-** 5 X 10-" 10-" 2 X 10-=“ 5 X 10-“ lO'^ 2 X 10-" 5 X 10-' 1.0 

NaCl .977 .969 .953 .936 .916 .882 .852 .818 .773 .741 

KCl .979 .971 .956 .941 .922 .889 .860 .827 .779 .742 

LiCl.975 .966 .949 .932 .911 .878 .846 .812 .766 .737 

RbCl .980 .942 .855 .748 

CsCl .978 .969 .954 .937 .847 . 

TlCl.976 .965 .942 .915 . 

KBr.978 .970 .955 .940 .921 .888 .859 .825 .766 .... 

KI.978 .970 .956 .941 .922 .890 .869 .773 .727 

KSCN.978 .970 .955 .940 .920 .888 .860 . 

KF.978 .970 .954 .937 .915 .878 . 

NaF.974 .964 .945 .925 .899 .854 .. 

TIF.961 .936 .908 .865 . 

NaN03 .977 .968 .950 .932 .910 .871 .832 .788 .719 .660 


Noyos niid Falk, J. Am-. aJmn. ^oc. SJ,, 4r>4 (1012). 

In calculatinii^ tlio ionixalion at tho liLhor concentrations Noyes and Falk have cor¬ 
rected for the vls(rosity change of the solution due to the added electrolyte. While there 
is every reason for l)('li(‘vinj' that tlu'. chan^je in the viscosity of the solution entails a 
change in the si)e('d of the carriers, in general, the change in speed is probably not directly 
proportional to the change in the fluidity of the medium. All ionization values at higher 
concentrations, therefore, are inoia' or less in doubt. As a rule the viscosity effects are 
small at conta^ntrations below 10'“ N. In comparing the ionization of various electrolytes, 
therefore, it is best to choose concentrations at which the viscosity effect may be neglected. 
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TABLE IV .—Continued 


^Concentra- 











tion, C. 

10-’2 

X 10-* 

5 X 10-’ 

10-" 2 X 10'" 

5 X 10 

10“" 2 X 10-" 

5 X 10 

1.0 

KNO3. 

.978 

.970 

.953 

.935 

.911 

.867 

.824 

.772 

.688 

.613 

LiNOa .... 

.975 

.965 

.950 

.932 

.911 

.874 

.840 

.803 

.750 

.703 

TINO3 .... 

.977 

.967 

.948 

.926 

.... 

.843 

.788 

• • . • 

.... 

.. • . 

AgNOa .... 

.977 

.968 

.950 

.931 

.908 

.859 

.814 

.. . . 

.683 

.617 

KBrOa .... 

.980 

.970 

.954 

.934 

.910 

.868 

.830 

.... 

.... 

• • • . 

KCIO3 .... 

.978 

.969 

.952 

.933 

.910 

.866 

.827 

.780 

.703 

• • • . 

NalOs .... 

.971 

.960 

.939 

.917 

.890 

.842 

.801 

.752 

.... 

. • • • 

KIO3 . 

.975 

.965 

.946 

.928 

.903 

.860 

.819 

.775 

. . . '. 

.. . . 

LilOa. 

.970 

.958 

.936 

.912 

.883 

.834 

.789 

.740 

.682 

.643 

HCl . 

.990 

.988 

.981 

.972 

.962 

.944 

.925 

.... 

.... 

.• - • 

HNO3 . 

.992 

.987 


.970 

.... 

.940 

.921 


.... 

• • • . 

BaCla. 

.956 


* • ♦ # 

.883 

.850 

.798 

.759 

.720 

.672 

.642 

CaCC . 

.954 

.938 

.910 

.882 

.849 

.802 

.764 

.727 

.686 

.662 

MgCla .... 

.955 

.939 

.910 

.883 

.851 

.803 

.765 

.728 

.687 

.669 

PbCla. 

.943 

.917 

.865 

.808 

.738 

.627 

• • • • 

.... 

• • • . 


CdCIa . 

.931 

.891 

.803 

.735 

.664 

.559 

.453 

.375 

.289 

.217 

CdBr^ . 

.897 

.858 

.749 

.661 

.573 

.. . . 

.. . . 

• . • • 

• • • • 

• • • • 

Cdia . 

.870 

.809 

.675 

.573 

.469 

.... 

. > • . 

.... 

• • • • 

• • • • 

Ba(N03)2 . 

.953 

.934 

.898 

.861 

.818 

.744 

.679 

.609 

.504 

.. • . 

SrCNOa)^ .. 

.953 

.935 

.904 

.871 

.833 

.770 

.719 

.661 

.579 

.511 

Ca(N 03)2 . 

.954 

.937 

.907 

.876 

.838 

.781 

.731 

.679 

.609 

.549 

Mg(N 03 ) 2 . 

.953 

.936 

.907 

.880 

.847 

.799 

.760 

.721 

. > • . 

.. • . 

PbCNOa)^ . 

.947 

.926 

.886 

.845 

.793 

.708 

.635 

.559 

.454 

.377 

CdCNOa)^ . 

.996 

.974 

.917 

.871 

.848 

.792 

.731 

.684 

.628 

.577 

Ba (6103)2.. 

.947 

.927 

.892 

.856 

.812 

.... 

. • • * 

.... 

.... 


K2SO,. 

.954 

.937 

.905 

.872 

.832 

.771 

.722 

.673 

.618 

.592 

NaaSO, .... 

.939 

.925 

.893 

.857 

.... 

.756 

.704 

.652 

.... 


LiSO^. 

.946 

• • • • 

. • • . 

.854 

.811 

.744 

.688 

.633 

.567 

.528 

TljSO, .... 

.948 

.924 

.882 

.837 

.780 

.694 

.625 

.561 

.... 

*• • • 

AgjSOi .... 

.949 

.927 

.885 

.840 

.784 

• • • • 

■ • • . 

.... 

.... 

.... 

K2C2O, ... 

.960 

.945 

.916 

.886 

.849 

.795 

.753 

.711 

. • . > 

.643 

MgSO, .... 

.873 

.823 

.740 

.669 

.596 

.506 

.449 

.403 

.... 

.349 

ZnSO, . 

.854 

.799 

.710 

.633 

.556 

.464 

.405 

.360 

. • • * 

.309 

CdSO, .... 

.850 

.791 

.694 

.614 

.534 

.437 

.377 

.332 

.290 

.277 

CuSO, .... 

.862 

.804 

.709 

.629 

.550 

.455 

.396 

.351 

• • • • 

.309 

MgCaO^ ... 

.582 

.472 

.350 








K,re(CN)3. 


.859 


.712 

..!. 

.'soi 

.538 

A98 

.. .. 


La(N03)3 . 

. • • . 

.902 

• • • • 

.802 


.701 



■ • • • 


K3C3H3O2 . 


.926 

.882 

.817 


.705 


.... 

• « * 


La2(S0J3 . 

• • • • 

.464 


.289 


.198 





Ca2Pe(CN)e 

.. . . 

.514 

• • • . 

.339 

.... 

.262 

• . • . 

.... 

• # • • 



same type is approximately the same at the same concentration. This 
is particularly true at the lower concentrations where the divergence in 
many cases is scarcely greater than the experimental error. The strong 
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acids and bases, however, have a markedly higher ionization than the 
salts. Salts of higher type exhibit a lower degree of ionization than 
simpler salts. But here, again, salts of the same type have approxi¬ 
mately the same ionization at corresponding concentrations. 

If electrolytes approach complete ionization at low concentrations 
and if the ions in these solutions move independently of one another, 
then, if the transference numbers of the electrolytes are known, the value 
of the equivalent conductance of the individual ions may be calculated. 
If the conductances of a sujScient number of pairs of electrolytes have 
been determined, it is only necessary to know the transference number 
of a single electrolyte. In general, the values of the ionic conductances 
are based upon the transference number of potassium chloride. The 
values of the equivalent conductances of various ions in water at 18° are 
given in Table 


TABLE V. 

Equivalent Conductances of the Individual Ions at 18°. 


Cs . 

.68.0 

Rb . 

.67.5 

T1 . 

.65.9 

NH, . 

.64.7 

K . 

.64.5 

Ag . 

.54.0 

Na . 

..... 43.4 

Li . 

.33.3 

H . 

.314.5 

Pb . 

.60.8 


Ba ...... 

.55.4 

Ca . 

.51.9 

Sr. 

.51.9 

Zn . 

.47.0 

Cd . 

.46.4 

Mg . 

.45.9 

Cu . 

.45.9 

La . 

. 61.0 

Br . 

.67.7 

I . 

.66.6 


Cl . 65.5 

NO 3 . 61.8 

SCN . 56.7 

CIO 3 . 55.1 

BrOs .47.6 

F .46.7 

IO 3 . 34.0 

SO 4 . 68.5 

C^O^ . 63.0 

Fe(CN )3 . 95.0 


The equivalent conductance values of the different ions are of the 
same order of magnitude, although the values for the hydrogen and 
hydroxyl ions are markedly greater than for the other ions. This is in 
agreement with the greater values of the conductance of solutions of 
the strong acids and bases. The conductance values of the different ions 
appear to bear no simple relation to their constitution. So, for ex¬ 
ample, lithium, which is lighter and has a smaller atomic volume than 
the remaining alkali metals, has the lowest conductance of any of the 
ions whose conductance values are tabulated. On the other hand, the 
nitrate and the chloride ions have markedly higher values than the 
fluoride ion. 

5. Molecular Weight of Electrolytes in Solution, The hypothesis of 
Arrhenius, that the ionization of an electrolyte may be measured by the 


M Noyes and Falk, loo. cit. 
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ratio of the equivalent conductance at any concentration to the limiting 
value of the equivalent conductance at low concentrations, is supported 
by other important properties of these solutions. Raoult had observed 
that the freezing point depression produced by electrolytes in water is 
greater than that of other substances at equivalent concentrations, van^t 
Hoff,^® finally, supplied the theoretical foundation which made it pos¬ 
sible to calculate from the measurements of Raoult the molecular weight 
of substances in solution. Since in the case of aqueous salt solutions the 
depression was found to be abnormal, van’t Hoff introduced an arbitrary 
factor ij which he apparently assumed to be a constant independent of 
concentration. Arrhenius at once recognized the significance of van’t 
Hoff’s factor and pointed out the relation between this factor and the 
coefficients derived from conductance measurements. According to 
Arrhenius, if electrolytes are dissociated, the freezing point depression of 
their solutions as measured should be greater than that calculated ac¬ 
cording to the method of van’t Hoff, the molecular weight being assumed 
equal to the formula weight of the dissolved substance. If we let 


( 3 ) 


M 

Me 


where M is the formula weight and Mq the molecular weight calculated 

from freezing point measurements, then, obviously, there exists between 
i and y, the relation: 

(4) i=l+(n—1 )y, 

where n is the number of ions resulting from the dissociation of a single 
molecule. The values of y as calculated from freezing point or other 
similar determinations should thus agree with the values of y as calcu¬ 
lated from conductance measurements. In Table VI are given the 


TABLE VI. 

Comparison of Ionization Values Derived from Conductance and 
FROM Freezing Point Measurements. 


Electrolyte 

Method 

5 X 10-^ 

10-* 

2 X 10-“ 

5 X 10-=* 

10-^ 

2 X 10-^ 

KCl . 

... F 

.963 

.943 

.918 

.885 

.861 

.833 


C 

.956 

.941 

.922 

.889 

.860 

.827 

NH^Cl . 

... F 

.947 

.928 

.907 

.878 

.856 

.832 

C 

. « . . 

.941 

.921 

.... 

.... 

• . • • 


« a. E. 9h 1517 ; 95, 188 and 1030 (1882). 

*«vaii’t Hoff, Sv. Vet.-Akad. Handlinffar 21, No. 17 (1886), p. 48. 

Noyes and Falk, J. Am. Chem. Soc. SJ^, 485 (1912). The concentrated solutions 
have been corrected for the viscosity effects. (See footnote above, p. 35.) 
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TABLE VI .—Continued 


Electrolyte 

Method 

5X10“® 

10-^ 

2X10-* 

SxlO-* 

10-" 

2X1( 


NaCl . 

... F 

.953 

.938 

.922 

.892 

.875 

.85C 



C 

.953 

.936 

.916 

.882 

.852 

.818 


CsCl . 

... F 

. • • • 

• • • • 

.930 

.892 

.863 

.82r 



C 

.954 

.937 

. • . . 


.847 



LiCl .. 

... F 

.944 

.937 

.928 

.912 

.901 




C 

.949 

.932 

.890 

.878 

.846 



KBr . 

... F 

• « • • 

• • • • 

.929 

.889 

.863 




C 

.955 

.940 

.921 

.888 

.859 



NaNOs . 

... F 

•. • • 

.903 

.885 

.855 

.830 




C 

.950 

.932 

.910 

.871 

.832 



KNO 3 ...... 

.... F 

• • • « 

.901 

.880 

.836 

.781 

.711 


0 

.953 

.935 

.911 

.867 

.824 

.772 


KCIO 3 . 

... F 

• • • • 

.914 

.891 

.849 

.798 

• • • • 



C 

.952 

.933 

.910 

.866 

.827 

.780 


KBr 03 . 

... F 

• • • • 

.923 

.896 

.854 

.805 

• • • • 



C 

.954 

.934 

.910 

.868 

• • • • 

• • • • 


KIO, . 

... F 

.941 

.913 

.882 

.828 

.765 

• • • • 

• • • • 


C 

.946 

.928 

.903 

.860 

.819 

.775 

• • • • 

NalOj . 

.... F 

.939 

.916 

.890 

.842 

.773 

• • • • ' 

• • • # 


C 

.939 

.917 

.890 

.842 

.801 

.752 

• • • • 

KMnO, . 

... F 

.938 

.921 

.913 

• • * • 

• • • • 

• • • • 

• • • » 


C 

.968 

.951 

.930 

• • • • 

• • • • 

• • • • 

• • • • 

HCl . 

... F 

.991 

.975 

.957 

.933 

.917 

• • • • 

• • • • 


C 

.981 

.972 

.962 

.944 

• • • • 

• • • • 

• • * • 

HNO 3 . 

... F 

.974 

.960 

.942 

.912 

.900 

.879 

• • •« 


C 

• ■ • • 

.970 

. • • • 

.940 

• • • • 

• • • • 

• • • • 

BaCU . 

... F 

.899 

.878 

.855 

.819 

.788 

.758 

• • • • 


C 

. . « . 

.883 

.850 

.798 

.759 

.720 

.672 

CaClj . 

.... F 

• • • • 

• • • . 

.876 

.837 

.815 

.804 

• • • • 


C 

.910 

.882 

.849 

.802 

.764 

.727 

.688 

MgCl3 . 

.... F 

.... 

.. . . 

.885 

.854 

.839 

.833 

• • • • 

C 

.910 

.883 

.851 

.803 

.765 

.728 

.687 

CdClj . 

.... F 

.... 

.791 

.768 

.690 

.605 

.539 

♦ • • • 


C 

.803 

.735 

.664 

.559 

.453 

.375 

.289 

CdBr^ . 

.... F 

.... 

.780 

.704 

.589 

.482 

.367 

• • • • 


C 

.749 

.661 

.573 

• • • • 

• • ■ • 

• • • • 

• • • • 

Cdl3 . 

.... F 

.... 

.593 

.540 

.400 

.225 

.100 

• • • • 


C 

.675 

.573 

.469 

• • • . 

• • • • 

• • • • 

• • • • 

Cd(N 03)3 .. 

.... F 

.948 

.921 

.901 

.887 

.884 

• • • • 

• • • • 

C 

.917 

.871 

.848 

.792 

.731 

.684 

.628 

Ba(N03)2 .. 

.... F 

.917 

.888 

.855 

• • • . 

.. . . 

• • • • 

• • • • 

C 

.898 

.861 

.818 

.744 

.679 

.609 

.504 

Pb(N 03)3 .. 

.... F 

.890 

.850 

.804 

.724 

.649 

.568 

.427 

C 

.886 

.845 

.793 

.708 

.635 

.559 

.454 

K3SO, . 

.... F 

.929 

.899 

.857 

.785 

.730 

.667 

.568 

C 

.905 

.872 

.832 

.771 

.722 

.673 

.618 
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TABLE VI .—Continued 


Electrolyte 

Method 

sxio-* 

10 ^ 

Na^SO^ . 

... F 

. ■ • • 

• • • • 

C 

.893 

.857 

MgSO^ . 

... F 

.694 

.618 

C 

.740 

.669 

CuSO, . 

... F 

.616 

.545 


0 

.709 

.629 

Z 11 SO 4 . 

... F 

.665 

.582 


C 

.710 

.633 

CdSO^ . 

... F 

.658 

.569 


C 

.694 

.614 

K,Fe(CN)e .. 

... F 

.894 

.868 

C 

.869 

.827 

K 4 Fe(CN)e .. 

... F 

0 

.... 

• • • • 

• • • • 


2X10-’ 

5X10-^ 

10“" 

2X10>" 

5X10-^ 

.867 

.795 

.736 

.672 

.567 

• • • • 

.756 

.704 

.652 


.536 

.420 

.324 

.223 

.084 

.596 

.506 

.449 

.403 


.455 

.318 

• • • • 

• • • • 

• • • • 

.550 

.455 

.396 

.351 

• • • • 

.489 

• • • • 

• • • • 

• • • • 

• • • • 

.556 

.464 

.405 

.360 

• • • • 

.477 

.343 

• • • • 

• • • • 

• • • • 

.534 

.437 

.377 

.332 

.290 

.778 


• • • • 

.... 

.... 

;;;; 

!634 

!58i 

!526 

!425 

• • • • 

.591 

.538 

.498 

• • • • 


values of y as determined from freezing point (F) and from conductivity 
(C) measurements. 

It will be observed that in the case of certain electrolytes the values 
of Y derived by the two methods correspond very closely. This is par¬ 
ticularly true of potassium chloride where the two values correspond 
practically within the limit of experimental error up to concentrations as 
high as 0.1 normal. In the case of other salts, the divergence at higher 
concentrations is considerably greater. In general, however, the two 
values approach each other the more nearly, the lower the concentration 
of the solution. The correspondence between the two values is closest 
in the case of the binary salts. The more complex a salt, the greater is, 
as a rule, the divergence between the two values and the lower the con¬ 
centration at which a given divergence appears. 

The cause of the divergence of the ionization values as determined 
by the two methods is as yet uncertain. It is possible that the ionization 
is not correctly measured by the conductance ratio. At higher concen- 
trajtions, at any rate, it is to be expected that various influences will make 
themselves felt, such as the effect of viscosity, as a result of which the 
conductance as measured will not yield a true measure of the ionization. 
On the other hand, the molecular weight, as determined by osmotic 
methods, may be expected to be in error, since the laws of dilute solu¬ 
tions are assumed in calculating these values. The only assurance we 
have that the laws of dilute solutions are applicable under given condi¬ 
tions is that the results obtained are in agreement with other facts re¬ 
lating to these solutions. When a disagreement occurs, therefore, it is 
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not known whether the laws of dilute solutions are inapplicable or 
whether some other discrepancy has arisen. 

In the case of salts of higher type, and even in that of the simpler 
types of salts, there is always a possibility that the ionization process as 
assumed in calculating the ionization from conductance measurements 
does not correspond to the true reaction. For example, in calculating the 
ionization of barium chloride, it is assumed that the reaction takes place 
according to the equation: 

BaCl2 = Ba^^ + 2Ch 

It is possible, however, that ionization may take place in several stages, 
an intermediate reaction of the type: 

BaCl2 = BaCk + Cl- 

intervening. If an intermediate reaction of this type takes place, then 
it is obviously impossible to calculate the degree of ionization from con¬ 
ductance measurements. So far, it has proved difi&cult to establish the 
existence of intermediate ions. In general, it is to be expected that if 
intermediate ions exist, the transference numbers will vary markedly 
with the concentration. It should be noticed in this connection that 
those electrolytes, which exhibit the greatest divergence between the 
ionization values as calculated from conductance and from freezing point 
data, also exhibit a marked change in their transference numbers with 
change of concentration. In the case of sulphuric acid the existence of 
an intermediate ion has been definitely established; and various consid¬ 
erations, based upon the solubility of salts in the presence of other salts, 
lend support to the view that intermediate ions exist in solutions of 
many salts of higher type.^® 

In any case, it is important to note that the values of i as deter¬ 
mined from freezing point and from conductivity determinations appar¬ 
ently approach the same limit at low concentrations, and, moreover, the 
limits approached are in agreement with the constitution of the salts in 
question. So, for example, in the case of the binary electrolytes, the 
limit approached is 2, in that of ternary electrolytes 3, in that of quater¬ 
nary salts 4, etc. No case has been observed in which the limit ap¬ 
proached is greater than that corresponding to the constitution of the 
salt. 

6. Applicability of the Law of Mass Action to Electrolytic Solutions, 
On their surface, the results of conductance and of freezing point meas¬ 
urements appear to be in substantial agreement with the fundamental 

“ Noyes and Eastman, Carnegie Report No. 19, p. 241. 

Harkins, J. Am. Chem. Soc. S3, 1808 (1911). 
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hypothesis of Arrhenius; namely, that an electrolyte in solution is ion- 
ized, and its ionization is a function of the concentration, decreasing with 
increasing concentration. There exists, therefore, in solutions of electro¬ 
lytes an equilibrium between the ions and the un-ionized molecules, and 
this equilibrium must be subject to the usual laws governing equilibria. 
It is obvious that, according to the law of mass action, the ionization 
should increase with decreasing concentrations, since there is an increase 
in the number of molecular species as a result of the reaction. If we 
assume a simple system,.as for example a binary salt MX which forms 
the ions and X', according to the equation: 

MX = M+ + X-, 


then, according to the law of mass action, we should have a relation: 


(5) 


^M^X Cx- 
^MX 


K, 


where represents the concentration of the molecular species X. If 

the solution is sufficiently dilute, so that the laws of dilute solutions may 
be applied, then K will be a function of the temperature only. On the 
other hand, it is obvious that a concentration must ultimately be reached 
where the laws of dilute solutions fail, in which case K becomes a func¬ 
tion of the concentration as well as of the temperature.®*^ 

If Y is the degree of ionization of the salt and if C is its total concen¬ 
tration, then the concentrations of the two ions will be equal to Cy and 
the concentration of the un-ionized fraction will be equal to C(1 — y). If 
these values are substituted in Equation (5), they lead to the equation: 


Cy 

1 —y 


The value of y may be calculated either from conductance or from 
osmotic measurements. If the values of y according to the two methods 
agree, then obviously the two methods must lead to identical results, so 
far as the mass-action law is concerned. Since the degree of ionization 
is given by Equation 2, we may substitute this value of y in Equation 6 
which yields the equation: 


This equation, involving the two constants K and Ao, therefore expresses 
the relation between the concentration and the conductance of a solution 

Van der Waals-Kohnstamm, “Lehrbuch der Thermodynamik,” part 2, pp. 604 
et 6eq. ’ 
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of a binary electrolyte. In general, to. test the applicability of this 
equation, the value of Ao must first be determined by some method of 
extrapolation, after which the constancy of the function K may be 
determined by substituting in the above equation. In Table VII are 

TABLE VII. 

Values of K for Acetic Acid in Water at 25 


V 

A 

AX 100 

0.989 

1.443 

0.001405 

1.977 

2.211 

0.001652 

3.954 

3.221 

0.001759 

7.908 

4.618 

0.001814 

15.816 

6.561 

0.001841 

31.63 

9.260 

0.001846 

63.26 

13.03 

0.001846 

126.52 

. 18.30 

0.001847 

253.04 

25.60 

0.001843 

506.1 

35.67 

0.001841 

1012.2 

49.50 

0.001844 

2024.4 

68.22 

0.001853 

00 

387.9 

— 


given values for the conductance of acetic acid in water at 25° at a 
series of concentrations. In this table, V denotes the dilution in liters 
per equivalent, A the equivalent conductance and K the ionization con¬ 
stant, calculated according to Equation 7. 

It will be seen that at higher concentrations, down to about 0.1 nor¬ 
mal, there is a marked change in the value of the function Kj but at 
concentrations below 0.1 normal the function K remains constant, prac¬ 
tically within the limits of experimental error.^^*" At the highest dilution 
in the table the function K shows a slight increase, which is probably 
due to a discrepancy between the experimental values and the assumed 
value of Ao. In general, the weaker the acid, the greater the range of 
concentration over which the function K remains constant. In other 
words, the concentration, at which the function K varies measurably 
from constancy, increases as the strength of the acid increases. In Table 
VIII are given values of the equivalent conductance and the ionization 
constant of trichlorobutyric acid at a series of concentrations. It will be 

81 Kendall, Med. Veten. Akad. Nohelmatiiut 2, No. 3S, p. 1 (1913). 

818 decrease in the value of K at higher concentrations is in part, if not largely, 
due to the increasing viscosity of the solution. Compare Washburn, “Principles of Physi¬ 
cal Chemistry,” 2nd Ed., p. 340. 

88 Kendall, loc. cit. 
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TABLE VIII. 

Values op K poe Trichlorobutyeic Acid in Water at 25°. 


V 

A 

AX 100 

6.90 

237.3 

18.3 

11.80 

276.8 

17.4 

23.59 

308.5 

15.9 

38.63 

326.4 

14.8 

47.18 

331.8 

14.0 

53.98 

336.0 

13.9 

77.26 

343.9 

12.7 

107.96 

350.4 

11.8 

154.5 

357.0 

11.5 

215.9 

361.2 

10.9 

309.0 

365.1 

10.5 

431.8 

368.2 

10.7 

618.0 

370.9 

(11.6) 

00 

376.0 

— 


observed that the function K decreases throughout as the concentration 
decreases, but that the decrease is more marked at higher concentrations 
and that, apparently, at lower concentrations a limiting value is ap¬ 
proached. The slight variation in the value of K at the lowest con¬ 
centrations may be due either to experimental errors or to a discrepancy 
in the value of Ao. In general, we may say that electrolytes, such as 
acetic acid, fulfill the condition that in the more dilute solutions the 
function K remains substantially constant. The same holds true in the 
case of the weak bases. 

Obviously, these results afford strong confirmative evidence of the 
correctness of the fundamental assumption that these electrolytes are 
ionized in solution according to a reaction equation of the following type: 

CH3COOH zr: CH3COO- + 

On the other hand, when we proceed to a consideration of typical salts, 
or what are commonly known as strong electrolytes, we find that K ap¬ 
pears throughout to be a function of the concentration, its value decreas¬ 
ing as the concentration decreases. 

Below are given the values of the function Z at a series of concen¬ 
trations for solutions of potassium chloride in water at 18°: 


*8 The manner in which K varies with the concentration at very low concentrations 
is uncertain, since small errors in the extrapolated value of cause a large variation 
iu the resulting value of the function K. The values here given are based on the value of 
Ao derived by the author. J. Am. Chem. Soc. 1 (1920). Compare, also, Weiland, ihid., 

4^1 146 (1918). 
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TABLE IX. 

Values of K for KCl in Water at 18°. 

C= 10" 10-^ 10-^ 10-2 lO’"^ 1.0 

X=.00518 ,0147 .0474 .1542 .5052 2.14 

It will be observed that in this case the function K decreases enormously 
with decreasing concentration. Whether the function approaches a finite 
limit, or whether it approaches a limit zero at low concentrations, cannot 
be determined with certainty. In general, the stronger the electrolyte, 
the more does the function K vary with the concentration and the 
greater is its value at a given concentration. In the case of hydrochloric 
acid the values of X at a number of concentrations are as follows: 

TABLE X. 

Values of K for HCl in Water at 18°. 

c = 10“3 10-2 10-1 

X = 0.189 0.366 1.11 

If these values are compared with those for potassium chloride, it will be 
seen that the value of K is considerably greater for hydrochloric acid 
than it is for potassium chloride. At 0.1 normal the value of K for 
hydrochloric acid is approximately twice that for potassium chloride. 
In the more dilute solutions, however, this ratio appears to increase, since 
in a 0.001 normal solution the value for hydrochloric acid is approxi¬ 
mately four times that of potassium chloride. 

In view of the fact that electrolytes of a given type appear to be 
ionized to practically the same extent in water, it follows that the dis¬ 
crepancies found for different electrolytes of the same type will be of 
the same order of magnitude. 



Chapter III. 


The Conductance of Electrolytic Solutions in Various 

Solvents. 

1. Characteristic Forms of the Conductance-Concentration Curve. 
The property of farming solutions which possess the power of con¬ 
ducting the current is one not restricted to water. Nor, indeed, are 
electrolytes in non-aqueous solvents restricted entirely to those sub¬ 
stances which are electrolytes in aqueous solution. As the field of non- 
aqueous solutions has been extended in recent years, it has become more 
and more apparent that the property of forming solutions which conduct 
the current is one which is common to a great many substances. Indeed, 
it seems not improbable that all liquid non-metallic media yield elec¬ 
trolytic solutions when suitable substances are dissolved in them. 

In attempting to account for the properties of electrolytic solutions in 
water, it is difficult to distinguish between those properties which are 
characteristic of electrolytic solutions in general and those which are 
characteristic of aqueous solutions alone. Such a knowledge can be 
obtained only from a study of the properties of electrolytic solutions in a 
large variety of solvents, and it appears unlikely that the properties of 
electrolytic solutions may be successfully accounted for until we possess 
reliable data as to the properties of non-aqueous solutions. While this 
field has been greatly extended during the past two decades, it is only in 
the case of a few solvents that we possess a sufficient mass of facts to 
enable us to treat the subject with a measurable degree of completeness. 

From a constitutional point of view, the alcohols are more nearly 
related to water than are any other solvents, since they may be looked 
upon as water in which one of the hydrogen atoms has been substituted 
by a hydrocarbon group. We should expect the properties of these 
solvents to diverge progressively from those of water as the size and 
complexity of the hydrocarbon group increases, and such has indeed been 
found to be the case. In general, the ionizing power of the alcohols 
diminishes as the complexity of the carbon group increases. Accord¬ 
ingly, methyl alcohol stands much nearer to water than do any of the 
other representatives of this class of solvents. 

For the purposes of illustration we may consider the conductance of 

46 
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sodium iodide in ethyl alcohol, the values of which are given in Table 

XI:" 


TABLE XI. 

CONDXJCTANCE OF SoDIUM lODIDE IN EtHYL AlCOHOL AT 18®. 


V ... 

... 125 

250 

500 

1000 

2000 

4000 

8000 

00 

A ... 

... 28.6 

31.3 

33.5 

35.2 

36.5 

37.6 

38.3 

39.4 

Y ••• 

... 0.726 

0.794 

0.850 

0.894 

0.926 

0.954 

0.972 

1.0 


It will be observed that the conductance of solutions in ethyl alcohol 
increases with decreasing concentration in a manner similar to that 
of solutions in water. The limiting value of the equivalent conductance, 
that is the value of Ao, for a solution of sodium iodide in ethyl alcohol 
is in the neighborhood of 39.4. It follows, therefore, that the ionization 
values of solutions in ethyl alcohol are considerably smaller than those 
of solutions in water. In Figure 3, the ionization of sodium iodide in 
ethyl alcohol is shown as a function of concentration. In the same figure, 
the ionization of sodium chloride in water is likewise shown. 

Acetone is another solvent whose solutions resemble those in water 
in many respects. The conductance of sodium iodide in acetone at 18® 
at a series of concentrations is given in Table XII: ^ 


TABLE XII. 

Conductance op Sodium Iodide in Acetone at 18®. 


V .. 

.. 292.6 

1030 

4083 

8874 

18660 

39700 

64827 00 

A .. 

112.8 

131.1 

147.7 

151.0 

154.8 

155.2 

156.0 ? 156.0 

Y •• 

.. 0.723 

0.841 

0.947 

0.968 

0.992 

0.995 

— — 


Here, again, it will be observed that the equivalent conductance rises 
throughout with decreasing concentration. While the conductance values 
of acetone solutions arc greater than those of solutions in ethyl alcohol, 
the degree of ionization is very nearly the same in the two solvents. In 
both ethyl alcohol and acetone the ionization is much lower than it is in 
water. 

Another typical solvent is found in liquid sulphur dioxide. The con¬ 
ductance values of solutions of potassium iodide in sulphur dioxide at 
— 33® and at —10® arc given in Table XIII: ^ 


^Dutolt and Kappeport, Jour. d. Cliim.-Flujs. 6, 545 (1908), 
^Dutoit and Levrier, Jour. d. Cfiini.-Phj/s. ifj 43 (1905), 

* Franklin, J. Fhya, Cliem. 075 (1911), 
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Fig. 3. Ionization of Binary Electrolytes in Different Solvents. 


TABLE XIII. 

CONDTJCTANCB OF KI IN SOj AT — 33° AND — 10°. 

V . 0.50 1.00 2.0 4.0 8.0 16.0 32.0 64.0 

A_33o .. 27.5 37.7 40.1 40.5 41.0 42.7 47.2 55.1 

A —10° •• 39.7 46.9 46.8 44.8 42.5 43.5 47.8 55.7 

V . 128.0 256.0 512.0 1000.0 2000.0 4000.0 8000.0 oo 

A_33o .. 65.9 78.8 93.4 108.6 124.2 139.0 153.0 167.5 

A_iqo .. 66.5 81.7 99.2 118.8 140.5 162.5 181.8 199.0 


Again, we find that as the concentration decreases the equivalent con¬ 
ductance increases and approaches a limiting value in the neighborhood 
of 167.5 at —33°. The ionization of the solutions of potassium iodide 
in sulphur dioxide is, however, markedly lower than that of correspond- 
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ing solutions in acetone and alcohol. At higher concentrations the solu¬ 
tions of potassium iodide exhibit a marked divergence from the aqueous 
type. While it is true that at33"^ the conductance falls throughout 
as the concentration increases, it will be observed that in the concentra¬ 
tion interval between V = 2 and F — 16 the conductance undergoes only 
an inappreciable increase, whereas at both higher and lower concentra¬ 
tions the conductance change is quite marked. This behavior of the 
more concentrated solutions in sulphur dioxide indicates the appearance 
of a new type of curve. At a slightly higher temperature this irregu¬ 
larity at the higher concentration becomes more pronounced and a maxi¬ 
mum and a minimum occurs in the curve, as may be seen from the values 
given for the conductance of these solutions at —10°. The curve at 
—10° is a typical example which is met with in the case of a large 
number of solvents. 

Before discussing this case in detail, however, let us examine a type 
of solution the conductance curve of which has a form radically different 
from that of aqueous solutions. In Table XIV ^ are given values of the 
conductance of methyl alcohol in liquid hydrogen bromide at —90°. 

TABLE XIV. 

Conductance of CH3OH in Liquid HBr at —90°. 


V . 0.1250 0.2500 0.500 0.769 1.00 2.00 7.69 

A. 0.600 0.631 0.211 0.0378 0.00925 0.001660 0.000615 


It will be observed that in the more dilute solutions the conductance 
diminishes continuously as the concentration decreases. There is no in¬ 
dication that, at lower concentrations, the conductance approaches a 
limiting value other than zero. In the more concentrated solutions the 
conductance increases greatly as the concentration increases, until a 
maximum is reached, after which the conductance falls off sharply. It 
is interesting to note also that, in this solvent, methyl alcohol functions 
as an electrolyte, although in most solvents methyl alcohol exhibits no 
electrolytic properties. Actually, however, the solutions of methyl alcohol 
in hydrogen chloride do not differ materially in properties from solutions 
of typical salts, such as the substituted ammonium salts in this solvent, 
although the value of the equivalent conductance is larger for typical 
salts. 

Another example of this type of conductance curve is that of solu¬ 
tions of trimethylammonium chloride in liquid bromine. The values of 
the conductance at 25° are given in Table XV: ® 

< Archibald, J. Am. Ghem. Soc. 29, CG5 (1907). 

“Darby, J. Am. Ghem. Boc. JfO, 347 (1918). 
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TABLE XV. 

COIIPTTCTANCE OF TbIMETHYLAMMONITTM ChLORIDB IN BrOMINE AT 25°. 

C 0029 0.0595 0.2093 0.3427 0.5334 0.9323 1.236 1.314 

A 0.0253 0.1038 2.063 5.259 6.469 9.865 11.49 11.00 

This case is, if anything, even more extreme than that of methyl alcohol 
in hydrogen bromide. The increase in the conductance with increasing 
concentration is extremely marked. At a concentration of 0.029 mols 
per liter, the equivalent conductance is only 0.0253, whereas at a concen¬ 
tration of 1.236 mols per liter the equivalent conductance is 11.49. It is 
to be noted that in the neighborhood of normal the equivalent conduct¬ 
ance of these solutions in bromine is comparable with that of solutions in 
ordinary solvents. At slightly lower concentrations, however, this is no 
longer the case. For a concentration change in the ratio of 43 to 1, the 
conductance increases in the ratio of approximately 450 to 1. 

It is apparent that the relation between the conductance and the 
concentration, as we observe it in aqueous solutions, is not a property 
characteristic of electrolytic solutions in general. It represents one ex¬ 
treme of two types of solutions, the other of which is exemplified in 
solutions in hydrogen bromide and in bromine. Between these two ex¬ 
treme types we have an intermediate type which appears to combine 
the characteristics of these extreme types. A typical example is fur¬ 
nished by solutions of potassium iodide in methylamine at — 33°, values 
of which are given in Table XVI: * 

TABLE XVI. 

Conductance op KI in CHjNH^ at — 33°. 

V _ 0.6094 1.190 2.320 8.833 33.62 107.4 408.9 1557 5927 

A .... 31.12 32.97 28.49 17.40 14.64 17.72 27.79 45.86 74.53 

The conductance curve in this case is intermediate in type between that 
of solutions in water and in bromine. In the more dilute solutions, be¬ 
ginning at a dilution of approximately 33 liters, the conductance increases 
continuously with decreasing concentration and apparently approaches 
a limiting value. At a dilution of 33.62 liters, the conductance has a 
minimum value. At higher concentrations it increases markedly, reach¬ 
ing a maximum in the neighborhood of 1.19 liters, after which it again 
decreases. In the more concentrated solutions, therefore, the curve re¬ 
sembles that of solutions in bromine. 

•Fitzgerald, J. Phyg. Ohem. 16, 621 (1912). 
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These intermediate curves apparently form a continuous series be¬ 
tween the two extreme types and, by suitably changing the condition of 
the solutions, a continuous shift takes place in the curve from one ex¬ 
treme toward the other. Tor example, as the temperature of a solution 
is increased, there is a shift from the aqueous type toward the type 
exemplified by the solutions in hydrogen bromide. This is clearly the 
case with solutions in sulphur dioxide. As we have already seen, at 
—33° the conductance of solutions in sulphur dioxide increases continu¬ 
ously with decreasing concentration, although there is a certain concen¬ 
tration interval over which the conductance change is extremely small. 
At a temperature of —10° this curve exhibits a maximum and a mini¬ 
mum, similar to that just described in the case of solutions in methyl- 
amine. At still higher temperatures, the maximum and minimum be¬ 
come more pronounced. 

Methylamine may be looked upon as a derivative of ammonia and 
the relation between methylamine and ammonia solutions may be ex- 
pected to be similar to that between the alcohols and water. As we 
shall see presently, ammonia solutions, for the most part, belong to the 
aqueous type; that is, the conductance increases throughout with de¬ 
creasing concentration. In the case of methylamine solutions, as we 
have seen, the curve exhibits a pronounced maximum and minimum. 
Solutions in ethylamine are still further removed toward the bromine 
type, as is apparent from the values given for the conductance of silver 
nitrate in ethylamine in Table XVII: 

TABLE XVIL 

Conductance of AgNOg in C2H5NH2 at —33°. 


V . 0.9928 1.981 3.953 15.73 62.65 125.0 

A . 5.67 5.820 4.320 1.677 1.038 1.041 


In this case the conductance decreases with decreasing concentration, but 
it is evident that at the lower concentrations the conductance does not 
approach the value zero as a limit. In fact, it is apparent that, at dilu¬ 
tions slightly greater than 125 liters per mol, the conductance curve will 
again rise. Indeed, solutions of certain other salts in ethylamine exhibit 
a distinct minimum in the neighborhood of 0.01 normal. The conductance 
curve of solutions in amylamine resembles that of solutions in bromine 
very closely, the conductance decreasing throughout with decreasing con¬ 
centration and apparently approaching a value of zero so far as has 
been observed. 

^ Fitzgerald, loc. cit. 
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It is evident that, in order to account for the phenomena of electro¬ 
lytic solutions, it is necessary to take into consideration the fact that 
the form of the conductance curve as observed in water is not a general 
type, but is only one extreme of several types. Any comprehensive • 
theory of electrolytic solutions must obviously account for both types. 

The only non-aqueous solvent with regard to whose solutions we have 
anything like complete information at the present time is liquid ammonia. ^ 
This solvent yields electrolytic solutions with an extremely large variety 
of substances and we shall have frequent occasion to refer to these 
solutions below. At this point it will be sufficient to give an example of 
the conductance curve for a typical salt dissolved in liquid ammonia. 

In Table XVIII ® are given values of the conductance of solutions of 
potassium nitrate in liquid ammonia at its boiling point, approximately % 
—33°, at a series of dilutions. It is evident that these solutions belong 
to the aqueous type, the conductance increasing throughout with decreas¬ 
ing concentration and approaching a limiting value at very low concen¬ 
trations. The limiting value for potassium nitrate is 339.® 

TABLE XVIII. 

Conductance of KNO3 in NH3 at — 33°. 


V . 324 1001 2514 6162 23060 69820 00 

A . 192.7 245.0 282.7 309.9 330.1 338.6 339. 


Y . 0.567 0.720 0.831 0.912 0.972 0.995 

Solutions of typical salts in liquid ammonia exhibit a somewhat higher 
conductance than do the corresponding salts in water, but it is evident 
that the ionization of these salts in liquid ammonia solutions is consid¬ 
erably lower than in water, as may be seen from Figure 3. Ammonia 
apparently approaches ordinary alcohol and acetone in its ionizing power. 
In the case of certain solutions in liquid ammonia, an intermediate type 
of conductance curve is found. This is the case, for example, with potas¬ 
sium amide whose curve exhibits a minimum.^® 

A similar, but in some respects a slightly different, case is found in 
certain of the cyanides, of which mercuric cyanide and silver cyanide 
may serve as examples. The conductance values for solutions of mer¬ 
curic cyanide in ammonia are given in Table XIX.^^ 

» Franklin and Kraus, Am. Chem. J. 23, 2T7 (1900). 

® Kraus and Bray, J. Am. Chem. Soc. 85, 1337 (1913). 

10 Franklin, Ztschr. f. vliya. Chem. 69, 290 (1009). 

Franklin and Kraus, loc. cit. 
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TABLE XIX. 

Conductance of Hg(CN)2 in NHg at —33°. 


V . 1.16 3.37 5.71 21.8 33.0 55.6 

A . 2.48 1.86 1.79 1.63 1.64 1.75 


The solutions of this salt exhibit a conductance curve with a very fiat 
minimum, the curve thus being similar to that of potassium iodide in 
methylamine. Silver cyanide likewise exhibits a curve with a minimum. 
The values are given in Table XX.^^ 

TABLE XX. 

Conductance of AgCN in NHg at — 33°. 

7 .... 4.48 9.02 17.85 35.25 69.69 137.7 272.8 538.0 1063.0 

A .... 15.58 15.39 14.28 13.45 12.83 12.41 12.12 12.00 12.00 

It is evident from these values that the conductance curve for silver 
cyanide has a very flat minimum in the neighborhood of 10~® normal. 
What is more striking, however, is the fact that the conductance changes 
so little with the concentration. The entire change between 10”^ normal 
and 0.5 normal is only from 12.00 to 15.5 or about 30 per cent. 

We see that solutions in non-aqueous solvents exhibit a great variety 
of properties many of which diverge largely from those of aqueous solu¬ 
tions. A great variety of liquids are capable of forming electrolytic solu¬ 
tions with various substances and many substances which do not form 
electrolytic solutions when dissolved in water form such solutions in 
other solvents. 

2. Applicability of the Mass-Action Law to Non-Aqueous Solutions, 
From a study of aqueous solutions of electrolytes, the conclusion was 
reached that the conductance is due to the motion of charged carriers 
through these solutions and that these charged carriers are in equilibrium 
with the neutral molecules of the electrolyte. In other words, the elec¬ 
trolyte is dissociated, or ionized, to use the accepted term for this process, 
and the degree of ionization may be measured by means of the ratio of 
the equivalent conductance of the solution to the limiting value which the 
equivalent conductance approaches as the concentration diminishes in¬ 
definitely. If this hypothesis is correct, then, as we have seen, the mass- 
action law should apply, and, if the laws of dilute solutions may be 
assumed to hold. Equation 7 expresses the relation between the con¬ 
ductance and the concentration of an electrolytic solution. It was found 


“Franklin and Kraus, loc. cit. 
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that this relation is fulfilled in the case of aqueous solutions of weak acids 
and bases, but is not fulfilled in the case of solutions of electrolytes which 
are more largely ionized. 

It is at once apparent that non-aqueous solutions furnish exceptions 
to the simple mass-action law, since we have here cases in which the 
c^ductance increases with increasing concentration, which result is not 
in accord with Equation 7, To solve the problem resulting from this 
discrepancy, three methods of attack at once present themselves. In the 
first place, the ionization may not be correctly measured by the ratio 
A/Ao- Then, again, we may assume that the reaction equation on which 
the calculations are based is not correct. Finally, we may assume that 
the equilibrium is of the type as assumed, but the conditions assumed 
in deriving the mass-action law are not fulfilled in the solutions in ques¬ 
tion; in other words, the solutions may not be considered as dilute. It 
is of course impossible to state on a priori grounds the concentration at 
which the deviations from the laws of dilute solutions will become appre¬ 
ciable. The only method that we have of attacking this problem at 
present is to carry out measurements at different concentrations and 
examine the change in the mass-action function as the concentration de¬ 
creases. If the fundamental assumption"underlying"*the hypothesis of 
Arrhenius is correct, then the mass-action function should approach a 
definite limiting value as the concentration decreases. 

Let us examine, therefore, the conductance curves of the more dilute 
non-aqueous solutions in order to determine whether the mass-action 
function approaches a definite limiting value. It is obvious that, in order 
to calculate the degree of ionization, the value of Aq must be known and 
this value can be obtained only by extrapolation. If the mass-action 
equation in its simple form actually holds, then it is possible to determine 
the value of Aq by a very simple graphical extrapolation. Equation 7 
may be written in the form: 

KA 2 

( 8 ) CA = ^ — KA,. 

It is obvious that, if this equation holds, the reciprocal of the equivalent 
conductance, A, is a linear function of CA, which is equal to the specific 
conductance multiplied by 10^. In other words, if the mass-action law 
is obeyed, the reciprocal of the equivalent conductance and the specific 
conductance are connected by means of a linear equation. If, therefore, 
the experimental values of CA and of 1/A are plotted in a system of rec¬ 
tangular co-ordinates, the points will lie on a straight line if the mass- 
action law holds. This straight line extrapolated to the axis of 1/A 








L 
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yields the value of Ao while, obviously, the value of K results from the 
slope of the curve. 

Leaving aside for the moment the exact values of Ao, we may roughly 
compare the variation of the function K for solutions in different solvents. 
In Table XXI are given the values of this function for potassium 
nitrate dissolved in ammonia and in water at corresponding degrees of 
ionization. 

TABLE XXI. 

Values of K foe Solutions of KNO3 in NH^ and HgO. 


Y 


%20 

57.00 

0.2277 

1.279 

70.00 

0.197 

0.9528 

85.59 

0.167 

0.3389 

91.66 

0.1635 

0.2332 

94.30 

0.1699 

0.1710 


It is at once apparent that the variation of the function K in dilute am¬ 
monia solutions is much less than it is in aqueous solutions. Indeed, 
between the ionization values of 70% and 94% the value of the con¬ 
ductance function for potassium nitrate in ammonia changes only by a 
few per cent, whereas, in aqueous solutions, this function increases ap¬ 
proximately five times. Apparently, therefore, dilute solutions in am¬ 
monia approach the mass-action law much more nearly than do solutions 
of the same substances in water. 

A circumstance which greatly facilitates the study of the applicability 
of the mass-action law to dilute solutions in non-aqueous solvents is the 
relatively low ionization of the solutions in these solvents. In the case 
of the strong electrolytes in water, a comparison of the experimental re¬ 
sults with the mass-action law is rendered difficult by the high ionization 
of these salts. Since the expression 1—y, the value of the un-ionized 
fraction, appears in the denominator of the mass-action expression, and 
since y is very nearly unity, it follows that the equivalent conductance 
must be determined with a high degree of precision in order to determine 
the applicability of the mass-action function. It is only in the case of 
potassium chloride that sufficiently precise data are at hand to make a 
study of this kind possible in aqueous solutions, and even in this case the 
results of such a comparison remain uncertain. 

Only a small portion of the data relating to the conductance of non- 
aqueous solutions has sufficient precision to make a comparison with the 
consequences of the mass-action law possible. It is only in the case of 

Franklin and Kraus, Am, Chem. J. 23, 299 (1900). 
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solutions in liquid ammonia that we have such data relating to a large 
number of electrolytes. Kraus and Bray have examined the conduct¬ 
ance of ammonia solutions from this point of view. In Figures 4 and 5 
are plotted values of the reciprocal of the equivalent conductance as 



Fig. 4. Showing Approach of Dilute Solutions in Liquid NHa to the 
Mass-Action Law. 

ordinates against values of the specific conductance as abscissas. In 
Figure 4 the symbol of the electrolyte is shown in the figure, while in 
Figure 5 the curves in order from 1 to 7 are for: 1, thiobenzamide; 2, 
orthomethoxybenzenesulphonamide; 3, paramethoxy benzenesulphona- 

Kraus and Bray, J. Am. Chem. Soc. S5, 1315 (1913). 



ELECTROLYTIC SOLUTIONS IN VARIOUS SOLVENTS 




mide; 4, metamethoxybenzenesulphonamide; 5, nitromet 
nitromethane; and 7, orthonitrophenol. Examining thv. 
typical salts, it will be observed that in the case of silve 
monium chloride, potassium nitrate, and ammonium nitrate 



Fia. 5. Showing Approach of Dilute Solutions of Organic Electrolytes in NH^ to 

the Mass-Action Law. 

in dilute solution approach a straight line. In the case of ammonium 
bromide and potassium iodide the number of points is not sufficient to 
actually determine the form of the curve in dilute solutions. In the case 
of other salts, the figures of which are not shown here, similar results 
were obtained; that is, in those cases where sufficient data are available 
at low concentrations, the points approximate a straight line and this 


58 


PROPERTIES OF ELECTRICALLY CONDUCTING SYSTEMS 


is the more true the more consistent the data are among themselves. In 
the case of the seven electrolytes in Figure 5, the correspondence with 
the mass-action law is much more certain. One reason for the better 
agreement in the case of these electrolytes is their lower ionization, as % 
a result of which errors in the value of the equivalent conductance pro¬ 
duce a smaller variation in the mass-action constant. Moreover, in these 
cases the mass-action law appears to apply to greater total salt concen¬ 
trations. In view of the fact that the original experimental results are 
independent of any considerations as to the applicability of the mass- 
action law, the conclusion appears justified that in the case of solutions 
in liquid ammonia the mass-action function approaches a limiting value ^ 
at low concentrations. 

The total salt concentration at which the deviations from the simple 
mass-action law become appreciable is the lower, the greater the ioniza- , 
tion of the electrolyte. In this respect solutions in ammonia resemble 
solutions of the acids and bases in water. The lower the ionization of ^ 
an acid or a base in water, the higher the concentration up to which the 
mass-action law appears to hold. From an examination of their results, 
Kraus and Bray drew the conclusion, however, that the deviations from 
the mass-action law become appreciable for different electrolytes in 
ammonia solution at about the same ion concentration. They found 
that the mass-action function for a number of electrolytes was increased ^ 
over the limiting value by 6% at ion concentrations lying in the neigh¬ 
borhood of 1 X N. It is, however, apparent that in certain cases the 
ion concentration is considerably greater and in other cases considerably 
lower than this value. So, for example, in the case of potassium amide 
this concentration is 2.76 X while in that of trinitraniline it is 
0.22 X 10~\ 

We may now consider the values of the mass-action constant for 
different electrolytes in ammonia solution. The values for the inorganic ^ 
t‘l(‘ctrolytcs are given in Table XXII (see opposite page). 

It is ai)parent, in the first place, that the values of the mass-action con¬ 
stant for the different inorganic electrolytes differ considerably. The ex- 
tre^me values lie between 0.056 X 10'^ for sodium amide and 42 X 
for potassium iodide. The greater number of the salts, however, have 
ionization constants lying between 21 X 10"^ and 28 X 10"^ This varia- ^ 
tion of the ionization constants for different inorganic electrolytes in am¬ 
monia is in striking contrast with the nearly identical ionization of the 
same electrolytes in water. It should be borne in mind, however, that in 
aciueous solution the degree of ionization is so high, in any case, that dif- 


Kraua auci Bray, loc. cit. 
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TABLE XXII. 

T’alues of K and Ao for Different Electrolytes in NH 3 at — 33°. 


Salt 

lO^K 

A„ 

NaNH^ . 

. 0.056 

263 

KNH^ . 

. 1 . 20 . 

301 

Agl . 

. 2.90 

287 

NH,C1. 

. 12.0 

310. 

NaCl. 

. 14.5 

309 

KNO 3 . 

. 15.5 

339 

KBr. 

. 21.0 

340 

TINO 3 . 

. 21.0 

323 

NaBrOg . 

. 23.0 

378 

NaN 03 . 

. 23.0 

301 

NH^Br . 

. 23.0 

303 

LiNOa. 

. 26.0 

283 

NaBr . 

. 27.0 

302 

Nal . 

.28.0 

301 

AgN03 . 

. 28.0 

287 

NH,N 03 . 

. 28.0 

302 

KI . 

. 42.0 

339 


erences in the ionization values of the different electrolytes are neces- 
iarily very small. Nevertheless, we must conclude that the ionization 
values of typical salts in water are much more nearly the same in that 
lolvent than they are in ammonia or in any other solvent for which 
■eliable data are available. The order of the ionization constants does not 
ippear to bear any relation- to the constitution of the electrolytes. So 
immonium chloride has an ionization constant of 12 X 10'^ and am- 
nonium nitrate of 28 X 10 "^, while silver iodide has an ionization con- 
tant of 2.9 X lO""^ and silver nitrate 28 X 10"^ Sodium nitrate has a 
jreater ionization constant than potassium nitrate, while sodium iodide 
las a smaller ionization constant than potassium iodide. 

The constants for sodium and potassium amides are of interest owing 
0 the fact that these substances are bases in liquid ammonia solution. 
Apparently these substances are relatively weak bases when compared 
nth the typical salts in ammonia or when compared with corresponding 
)ases in water. Indeed, it is apparent that all electrolytes in ammonia 
olution have comparatively small ionization constants. For example, 
he ionization constant of acetic acid in water is 0.182 X 10 “^. The 
onization constant of this acid, therefore, is approximately three times 
hat of sodium amide and 1/7 that of potassium amide. 

The ionization constants for a number of organic electrolytes in liquid 
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ammonia are given in Table XXIII.^® Here, again, we find a large varia¬ 
tion in the value of the ionization constant for different electrolytes. 

TABLE XXIII. ^ 

Values of K and op Ao for Organic Electrolytes in NHg at —33°. 


Salt 10^ X Ao 

Cyanacetamide. 0.045 260 

Thiobenz amide ... 0.40 204 

Orthomethoxybenzenesulphonamide. 0.40 208 

Paramethoxybenzenesulphonamide . 0.50 208 

Nitromethane .. •. 0.53 278 

Sodiumnitromethane . 0.78 278 

Benzenesulphonamide . 1.39 208 

Metamethoxybenzenesulphonamide .. 1.81 208 

Orthonitrophenol . 3.90 246 

Methylnitramine .*. 8.4 256 

Phthalimide . 8.7 248 

Benzoicsulphinide . 12.0 206 

Metanitrobenzenesulphonamide . 12.5 231 

Potassiummetanitrobenzenesulphonate. 15.0 275 * 

Nitrourethaneammonium . 21.6 262 

Trinitrobenzene . 30.0 234 

Trinitraniline . 30.0 234 


The strongest of these, trinitraniline and trinitrobenzene, have ionization, 
constants as great, or greater, than those of typical salts in ammonia. 
On the other hand, cyanacetamide has an ionization constant of only 
0.045 X 10"^. Cyanacetamide, therefore, is a weaker acid in ammonia 
solution than acetic acid is in water, and of course a much weaker acid 
than cyanacetic acid in water. In other respects, as regards the relation 
of the ionization constants of these electrolytes to their constitution, we 
find relations similar to those in aqueous solutions. The introduction of 
strongly electronegative groups into the negative constituent increases 
the value of the ionization constant. It will be observed that many of 
the organic substances which act as electrolytes in ammonia solution are 
not electrolytes in water. This is true of nearly all the acid amides and 
of such compounds as trinitrobenzene. The positive ion, in the case of 
the acid amides, as indeed in the case of all the acids in ammonia solu¬ 
tion, is presumably the ammonium ion.^"^ 

Having seen that the mass-action law applies to dilute solutions of 
practically all electrolytes in ammonia, we may inquire whether the same 


Kraus and Bray, loc. cit. 
IMd., loc. cit., p. 1357.. 
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true of solutions in other non-aqueous solvents. In Table XXIV 
are given values of the mass-action constants for sodium iodide in a num¬ 
ber of different solvents. In Figure 6 are plotted values of the reciprocal 
conductance against those of the specific conductance for these solutions. 



Fig. 6. Showing how Solutions of Binary Electrolytes in Different Solvents Approach 
the Mass-Action Relation at Low Concentrations, 

An examination of the figure shows that in all cases the conductance 
curves approach a linear relation in the more dilute solutions. We may 
conclude, therefore, that in the case of non-aqueous solvents, in general, 
the mass-action law is approached as a limiting form at low concentra¬ 
tions. 


“Kraus and Bray, loc. cit. 
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TABLE XXIV. 


Values of K and of Ao 

FOR Electrolytes in Different Solvents. 

Solvent 

Solute 

Temp. °C. 

XX 10* 

A„ 

Benzonitrile . 

, Nal 

25° 

55.0 

49.0 

Epichlorhydrin. 

. (C,H,),NI 

25° 

48.5 

62.1 

Propylalcohol . 

. Nal 

18° 

45.0 

20.6 

Acetone . 

Nal 

18° 

30.0 

167.0 

Acetophenone. 

Nal 

25° 

34.0 

35.6 

Methylethylketone . 

Nal 

25° 

23.0 

139.0 

Pyridine.. 

. Nal 

18° 

13.0 

61.0 

Isobutylalcohol.. 

. Nal 

25° 

12.0 

13.7 

Acetoaceticester .— 

. NaSCN 

18° 

9.5 

32.1 

Isoamylalcohol . 

. Nal 

25° 

3.9 

9.2 

Ethylenechloride . 

(C3H,),NI 

25° 

1.45 

66.7 


The mass-action constant varies with the nature of the solvent. The 
greatest value is that for benzonitrile, which is 65 X 10”^, and the smallest 
that for ethylenechloride, which is 1.45 X 10“^. The change in the value 
of the ionization constant among the alcohols is of particular interest in 
view of their relation to water. The constant for solutions iii propyl 
alcohol is 45 X 10“"*, in isobutylalcohol 12 X 10"^, and in isoamylalcohol 
3.9 X lO*"^. It is evident that, as the substituting hydrocarbon group 
becomes more complex, the ionization constant decreases. These results 
also have a bearing on the probable behavior of aqueous solutions. The 
properties of solutions in the lower alcohols differ only inconsiderably 
from those of aqueous solutions. It seems probable, therefore, that in 
going from water through the lower alcohols to the higher alcohols the 
change in the phenomenon underlying the ionization process undergoes 
an alteration in degree rather than in kind. It might be concluded, 
therefore, that in aqueous solutions, also, the mass-action law is ap¬ 
proached as a limiting form. This question, however, will be discussed 
at somewhat greater length in a succeeding chapter. 

A considerable number of data are available on the conductance of 
dilute solutions in acetone. In the following table are given values of 
the mass-action constant and the limiting values of the equivalent con¬ 
ductance for a series of electrolytes in this solvent. 

TABLE XXV. 

Values of K and of Ao for Different Electrolytes in Acetone at 18 °. 


Solute 10 ^ K Ao 

KI . 51.0 156 

Nal. 39.0 156 

Lil . 31.0 154 
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TABLE XXY.—Continued, 


Solute 

10* Z 

Ao 

NHJ . 

. 15.0 

159 

KSCN . 

. 31.0 

169 

LiSON .. 

. 18.0 

167 

NH^SCN . 

. 8.3 

172 

KBr . 

. 16.0 

156 

NaBr . 

. 13.0 

156 

LiBr . 

.. 5.7 

154 

NH^Br . 

. 2.3 

159 

LiNOs . 

. 2.6 

125 

AgN03 . 

. 0.28 

100 

LiCl . 

. 0.94 

154 


From an examination of this table it is obvious that the ionization con¬ 
stants of typical salts in acetone vary within very wide limits. So, the 
ionization constant for silver nitrate is 0.28 X 10"^, whereas that for 
potassium iodide is 51.0 X 10^^. More remarkable still is the regularity 
in the variation of the constants as a function of the constitution of the 
electrolyte. The ionization constants of the iodides diminish in the order 
potassium, sodium, lithium, ammonium. The same order holds in the 
case of all other salts, namely the sulfocyanates, bromides, and nitrates. 
On the other hand, the ionization constants of salts with a common posi¬ 
tive ion vary in the order: iodides, sulfocyanates, bromides, nitrates, 
chlorides. This order holds true in every case. It appears, therefore, 
that the ionization constant K is an additiye function of the constituent 
ions of the electrolytes. This is the only solvent for which such a rela¬ 
tion appears to hold true. What the significance of this may be is at 
present uncertain. It is important, however, to observe that the ioniza¬ 
tion of different typical salts in acetone varies within extremely wide 
limits. The similarity in the behavior of strong electrolytes in aqueous 
solutions, as regards their ionization, is therefore not to be considered as 
a property which may be ascribed primarily to the electrolytes them¬ 
selves, but rather one in which the solvent itself appears as the chief 
factor. 

3. Comparison of the Ion Conductances in Different Solvents, If 
the values of Aq are known and if the transference numbers of the 
electrolytes are known, then the values of the ion conductances may be 
determined. However, before proceeding to a comparison of the values 
of the ion conductances in different solvents, it will be well to point out 
that the value of Ao is dependent upon the form of the extrapolation 
function which must be assumed. Only in the case of solutions whi(^ 
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approach the mass-action law as a limiting form may we be reasonably 
certain that the extrapolated value of Ao is correct. In other cases, 
therefore, the limiting conductance values are more or less arbitrary. In 
a subsequent chapter this question will be discussed somewhat more at 
length. For the present we shall assume that the Ao values obtained by 
the ordinary methods of extrapolation are approximately correct. 

The values of the equivalent conductances of the different electrolytes 
in ammonia and water have been given in Tables III, XXII and XXIII. 
In comparing the conductances in the two solvents, however, it is pre¬ 
ferable to compare the conductance of the individual ions, rather than 
that of the sum of the ions of any given electrolyte. Before proceeding 
further, therefore, we shall resolve these values of the conductance for 
the various electrolytes into two parts, namely the conductance of the 
positive and of the negative ion respectively. In order that this may be 
done, it is necessary that the transference number of at least one elec¬ 
trolyte shall be known. In the case of ammonia solutions the transfer¬ 
ence numbers of a considerable number of electrolytes have been deter¬ 
mined by Franklin and Cady.^^ With the aid of their data, the follow¬ 
ing values of the equivalent conductance of the typical inorganic ions 
have been calculated.^® For the sake of comparison, the ion conduct¬ 
ances of the same ions in water at 18® are given as well as the ratio of 
the ion conductances in ammonia and in water. 


TABLE XXVI. 


Ion Conductances in Ammonia and in Water. 


Positive 


Negative 


Ion 

InNHj 

InH^O 

^NH 3 /^H 30 

Li^ . 

.... 112 

33.3 

3.36 ■ 

Ag^ .... 

.... 116 

54.0 

2.15 

Na-^ . 

.... 130 

43.4 

3.00 

NH/ .. 

.... 131 

64.7 

2.03 

Tl* . 

.... 152 

65.9 

2.31 

K* . 

.... 168 

64.5 

2.61 

BrOs" ... 

... 148 

47.6 

3.11 

NO 3 - ... 

... 171 

61.8 

2.77 

I- . 

.... 171 

66.6 

2.57 

Br-. 

,... 172 

67.7 

2.54 

Cl- . 

,... 179 

65.5 

2.73 

NH,- ... 

,... 133 




« Franklin and Cady, J. Am. Chem. Soc. 26^ 499 (1904). 
«Kraus and Bray, loo. cit. 
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It will be observed that the ion conductances in ammonia and in 
water do not stand in a fixed ratio. For example, for the silver ion, the 
ion conductance in ammonia is 2.15 times that in water, whereas for 
the lithium ion the conductance in ammonia is 3.36 times that in water. 
Similarly, the conductance of the bromide ion in ammonia is 2.54 times 
that in water, while the conductance of the bromate ion is 3.11 times 
that in water. We may naturally inquire as to what are the factors 
upon which depends the conductance of different ions in different solvents. 

If the current is carried through a solution by the translation of 
charged particles of molecular dimensions, then we should expect the 
speed of these particles to be a function of the viscosity of the medium 
through which they move. It might be assumed, for example, that the 
conductance is proportional to the reciprocal of the viscosity, or to the 
fluidity of the solvent. The viscosity of water at 18° is 10.63 X 10"* and 
that of ammonia is 2.558 X 10"* at its boiling point. Consequently the 
fluidity of ammonia is 4.15 times as great as that of water. If the con¬ 
ductance of the ions were directly proportional to the fluidity of the 
solvent, then the conductance of all ions in ammonia should be 4.15 times 
as great as that of the same ions in water. We see, however, that while 
the conductance of the various ions in ammonia is markedly greater 
than that in water, nevertheless the ratio of the ion conductances in the 
two solvents is in all cases smaller than this value. Furthermore, the 
effect is one specific with respect to the individual ions. For example, 
for the sodium ion, the value is 3.0, while for the lithium ion it is 3.36. 
It is noticeable that the ratio for the ions increases in the order: am¬ 
monium, potassium, sodium, lithium. In other words, in ammonia the 
lithium ion possesses a relatively much higher conductance with respect 
to water than does the ammonium ion. 

The same general relations hold in the case of the negative ions. The 
conductance of the bromate ion in ammonia is 3.11 times that in water, 
whereas that of the bromide ion is only 2.54 times that in water. On 
the whole, the ion conductances in ammonia vary less than they do in 
water. The extreme variation in the case of ammonia solutions is from 
112, for the lithium ion, to 168, for the potassium ion, or a ratio of 1.5, 
whereas in the case of aqueous solutions the extreme variation is from 
33.3, for the lithium ion, to 65.9, for the thallous ion, or a ratio of 1.98. 
For the negative ions in ammonia solution the extreme ratio is 1.21, 
whereas for aqueous solutions it is 1.37. In general, however, the order 
of ionic conductances in the two solvents is the same. With a few ex¬ 
ceptions, ions which move very slowly in water also move very slowly 
in ammonia. 
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It is evident that the conductance of an ion is a function of the con¬ 
stitution of the solvent as well as of that of the ion itself. In this con¬ 
nection it should be observed that a given electrolyte dissolved in two 
different solvents does not necessarily yield the same ions. In other 
words, complexes may be formed between the ions and the solvent proper¬ 
ties of which will depend upon the nature of the solvent. It is well 
known that certain ions tend to form complexes with certain solvents. For 
example, the silver ion forms a complex with ammonia even in aqueous 
solutions. It may be assumed, therefore, that the silver ion has a great 
tendency to form complexes with ammonia. The cause for the relatively 
low value of the conductance of the silver ion in ammonia may be 
ascribed to the formation of a relatively large complex silver-ammonia 
ion in ammonia solution. Similarly, those ions whose salts show a 
marked tendency to form complexes with water, which, for example, 
give stable crystalline hydrates, show^a relatively higher speed in am¬ 
monia than in water. Thus, the speed of the lithium ion in ammonia is 
relatively much greater with respect to its speed in water than is that 
of the potassium ion. We may therefore conclude that the lithium ion 
is relatively less complex in ammonia than it is in water. 


Chapter IV. 

Form of the Conductance Function. 

1. The Functional Relation between Conductance and Concentra¬ 
tion, If an equilibrium exists between the ions and the un-ionized mole¬ 
cules in a solution, then the relation between the conductance and the 
concentration is expressed by Equation 7, which follows from the mass- 
action law. We have seen that this equation is fulfilled in solutions of 
weak electrolytes in water and that it is approached as a limiting form 
in solutions of strong electrolytes in non-aqueous solvents. This equa¬ 
tion is the only one so far suggested to account for the relation between 
the conductance and the concentration which has a substantial theoretical 
foundation for its support. At higher concentrations, in the case of the 
stronger electrolytes, both in water and in non-aqueous solvents, the 
simple form of the mass-action law no longer holds. Except at very 
high concentrations, where viscosity effects become pronounced, the con¬ 
ductance in all cases varies in such a way that the value of the mass- 
action function increases with increasing concentration. If the reciprocal 
of the equivalent conductance is plotted against the specific conductance, 
then, in the case of strong electrolytes, it is found that the experimental 
curve is concave toward the axis of specific conductances. 

We have seen that in different solvents the conductance curve, as a 
function of the concentration, varies greatly in form, and the conclusion 
might be drawn that the process involved in these solutions is entirely 
different in character. Since the form of the conductance function in 
the case of the concentrated solutions is thus far not determinable from 
theoretical considerations, various attempts have been made to deter¬ 
mine empirical functions which should express the conductance in terms 
of the concentration. In the case of aqueous solutions the equation of 
Storch ^ appears to apply over a considerable concentration range. This 
equation may be written in the form: 

( 9 ) = 

where D and m are constants. This equation applies remarkably well 
in the case of aqueous solutions, even up to high concentrations. It will 

^StorcJi, Ztschr. /. phps. Chem. 19j 13 (1896). 

^7 









68 


PROPERTIES OF ELECTRICALLY CONDUCTING SYSTEMS 


be observed that in this equation the mass-action function K' is expressed 
as a function of the ion concentration raised to the m’th power. The 
equation may be tested very simply by graphical methods. It may be 
written in the form: 


(10) (2 — m) log (Cy)—log [C(l — y)] = log D. 


If, therefore, we plot the logarithms of C(l—-y) against the logarithms 
of the ion concentrations Cy or the specific conductances, the experi¬ 
mental points should lie on a straight line, provided the equation holds. 
This method of treatment was first proposed by Bancroft ^ and has 
proved extremely useful in determining the behavior of very concen¬ 
trated solutions. In Figure 7 are shown the curves for potassium chloride 
and potassium nitrate in water at 18®. It will be observed that the points 
lie very nearly on a straight line. 
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Fig. 7. Plot of Storch Equation for Aqueous Solutions of Binary Electrolytes. 


It is evident, however, that an equation of this type cannot apply 
generally, since it does not approach the mass-action expression as a 
limiting form. As we have seen, dilute solutions in non-aqueous solvents 
approach the mass-action function at low concentrations. It has there¬ 
fore been proposed ^ to express the relation between the conductance and 
the concentration by means of the equation: 

( 11 ) = + 

= Bancroft, ZtscJir. f. phys. Chem. SI, 188 (1899). 

* Kraus, Proc. Am. Chem. 8oc. 1909, p. 15 ; Bray, Science S5, 433 (1912) ; Trans. Am. 
Electro-Ch. Soc. 21, 143 (1912) ; MacDougall, J. Am. Chem. Soo. SJf, 855 (1912) ; Kraus 
and Bray, J. Am. Chem, Soc. 35, 1315 (1913). Somewhat similar four-constant equations 
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In this equation y is written for the ratio for the sake of brevity. An 

inspection of this equation shows that at low concentrations the first 
term of the right-hand member, involving the ion concentration Cy, will 
diminish as the concentration decreases, and will ultimately become neg¬ 
ligible in comparison with the constant K. On the other hand, at higher 
concentrations, the constant K will become negligible in comparison with 
the term involving the ion concentration. In other words, at high con¬ 
centrations this equation approaches the Storch Equation 9 as a limiting 
form. 

Obviously, this equation involves the four constants A^, if, D and m. 
These constants may in most cases be determined readily by graphical 
means. If conductance data are available at very low concentrations, 
the second term of the right-hand member may be neglected, in which 
case the reciprocal of the equivalent conductance becomes a linear func¬ 
tion of the ion concentration; that is, the equation degenerates into the 
form of Equation 7. The value of Ao and of K may therefore be de¬ 
termined with a considerable degree of precision from this plot. Hav¬ 
ing determined these two constants, the values of m and D may be de¬ 
termined from data at higher concentrations. At very high concentra¬ 
tions K may be neglected and from a plot of Equation 10, which is 
linear if the equation holds, the values of m and D may be determined. 
In case the constant K is not negligible at higher toncentrations, it is 
necessary to take this into account. This may be done by means of a 
second approximation. It is seen from Equation 11 that the niass-action 

: Cy^ 


function K' 


is a linear function of the ion concentration raised 


to the m^th power. If the value of m in the more concentrated solutions, 
as determined by the first approximation, is correct, then thq values of 
K and D may be corrected by means of a plot of K' against (Cy)^, 
The value of K is then determined by extrapolating to the copcentration 
zero and the value of D is determined from the sloj^e of the line. The 
values; of the constants having been determined, it is possible to calcu¬ 
late the conductance of a given electrolyte at any desired concentration 
and to compare the calculated with the experimental values. 

In Figure 8 is shown a plot of the reciprocal of the equivalent con¬ 
ductance against the specific conductance or ion concentration for solu¬ 
tions of potassium amide in liquid ammonia.'^ This plot yields for Ao 


have been proposed by Bates (J. Am. C?iem. Soc. 37, 1431 (1915)) and by de Szyszkowski 
(Medd. K. Vet. Akad’s Nohelinatitut, Vol. 3, Nos, 2 and 11 (1914)). While these latter 
equations represent the course of the conductance curve fairly well in the case of aqueous 
solutions, they are not generally applicable to non-aqueous solutions. 

^Franklin, Ztschr. f. phys. Ghem. 69, 290 (1909). 




PROPERTIES OF ELECTRICALLY CONDUCTING SYSTEMS 


TCi 


01 and for K the value 1.26 X 10'^“ That is, the straight 
sorresponding to this slope passes through the points in the 
solutions. 



0.0 3.5 5.0 7-5 lo 12.5 15 i7-5 20.0 

100 (CA). 


Fig. 8. A Plot for KNHs in NHs. 

Having determined the preliminary values of K and of Ao, we may 
plot the values of the logarithm of K^—K against the logarithm of Cy. 
The plot for this function is shown in Figure 9, where it will be observed 



tog icy) 

Fig. 9. M — D Plot lor KNH. in 


that the points lie upon a straight line well within the limits of experi¬ 
mental error. This plot yields a value of D = 0.095 and m 1.18. 
Finally, in order to obtain a more precise value of K, values of K' are 

“Kraus and Bray, loc , cit . 
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plotted against the values of the ion concentration to the power 1.18. 
This plot is shown in Figure 10. The value for D in this case is not 
altered from that originally determined, but the value of K is altered 
from 1.26 to 1.20. 

It will be observed that, throughout, the points lie upon a straight 
line within the limits of experimental error. The equation connecting 



the equivalent conductance with the concentration for solutions of potas¬ 
sium amide in liquid ammonia is, therefore: 

£' = g^^=0.095(CY)-“ + iaX10-‘ ; 

where Y= 4- 

The calculated values are compared with the experimental values in 
Figure 11, where the equivalent conductances are plotted as ordinates 
against the logarithms of the concentrations as abscissas. It will be ob¬ 
served that the calculated curve corresponds with the experimental curve 
up to a concentration of approximately 2 normal. Beyond this concen¬ 
tration the experimental curve departs rapidly from the calculated curve. 
As we shall see presently, at higher concentrations, the viscosity of the 
solutions increases very largely and it is therefore not possible to test 
the applicability of the equation at these concentrations. 

It becomes a matter of interest to determine whether an equation of 
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this type is generally applicable to solutions of electrolytes in various 
solvents. Since a larger amount of experimental material is availably 
for solutions in liquid ammonia than for solutions in any other solvent, 
we may consider solutions in this solvent first. Since the more dilute 
solutions have already been considered and found to conform to the 



'Fig. 11 ! Comparison of Experiniental Values with .Equation 11 for KNH 2 in NH;,. 

.mass-action law as a limiting form, it follows that the equation will be 
applicable to the more dilute solutions in any case. It remains, there¬ 
fore, to determine whether the equation likewise applies to the more 
concentrated solutions. 

Kraus and Bray,® who have examined the applicability of this equa¬ 
tion to a large number of non-aqueous solutions, including solutions in 
ammonia, have concluded that the experimental values may be repre- 

• Kraus and Bray, loc, cit» 
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sented by an equation of this type within the limits of e:S:perimental 
error. In general, it has been found that the more consistent the ex¬ 
perimental data are among themselves, the more nearly do they adjust 
themselves to Equation 11. The results for inorganic electrolytes dis¬ 
solved in ammonia are summarized in Table XXVII. 

TABLE XXVII. 

Constants op the Conductance Function fob Inorganic 
Electrolytes in NHg at — 33°. 


Electrolyte 


m 

D 

KNHj . 

... 1.20 

1.18 

0.095 

Agl . 

... 2.90 

0.70 

0.009 

NH.C1 . 

... 12.0 

0.84 

0.127 

KNOa . 

... 15.5 

0.96 

0.25 

NaNOa . 

... 23.0 

0.89 

0.32 

NH.Br . 

... 23.0 

0.82 

0.24 

LiNOa .. 

... 26.0 

0.86 

0.34 

Nal .. 

.... 28.0 

0.83 

0.43 

AgNOa .. 

... 28.0 

0.83 

0.36 

NH.NOa .. 

... 28.0 

0.86 

0.39 

KI. 

... 42.0 

0.94 

0.62 


The values of Ao are not given in this table, but they will be found in 
Table XXII. By means of the constants in these tables the equivalent 
conductances of the various electrolytes may be calculated at any de¬ 
sired concentration within the limits of experimental error up to approxi¬ 
mately normal concentrations. It is obvious that a comparison of the 
ionization- of different electrolytic solutions may be made by means of 
the constants given above. The relative ionization of two salts will vary 
as a function of the concentration, since the constants for the two elec¬ 
trolytes will not, as a rule, have the same value. The values of the 
constant K have already been considered and need not be further dis¬ 
cussed here. The values of the constant D are seen to lie within fairly 
narrow limits. Excepting the constants for potassium amides and silver 
iodide, the values of D lie between 0.127 and 0.62, and most of the 
values lie between 0.24 and 0.43. There is no fixed relation between the 
values of D and of K, although in general an electrolyte with a large 
value of K has a large value of D. Thus, potassium amide, silver iodide 
and ammonium chloride have the smallest values of K and likewise they 
have the smallest values of the constant D. So, also, potassium iodide, 
which has the highest value of the constant K, likewise has the highest 
value of the constant D. Apparently, the constants K and D are not 
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entirely independent of each other, or, in other words, they depend in 
a corresponding manner upon some property of the electrolyte. The 
values of m lie between 0.70 and 1.18 and, for the most part, they lie 
between 0.82 and 0.96. The general form of the curve, as we shall 
presently see, is determined largely by the value of the constant m. It 
follows, consequently, that the curves for the various electrolytes will in 
general be similar. No definite relation appears to exist between the 
values of the constant m and the constants D and K. In many cases, 
however, as we shall see later, electrolytes having a small value of K 
and D have a relatively large value of m. Silver iodide is an exception 
to this rule. 

The constants for a number of organic electrolytes are given in 
Table XXVIII. 


TABLE XXVIII. 


Constants of Equation 11 fob Oeganic Electeolytes 
IN NHj AT —33°. 


Solute 

Ao 

10^ X 

m 

D 

Cyanacetamide . 

.... 260 

0.045 

1.24 

0.026 

Benzenesulphonamide . 

.... 208 

1.39 

1.00 

0.029 

Methylnitramine . 

.... 256 

8.4 

0.85 

0.080 

Metanitrobenzenesulphonamide... 

_ 231 

12.5 

0.76 

0.103 

Nitrourethaneammonium . 

.... 262 

21.6 

0.76 

0.22 

Trinitraniline . 

.... 234 

30.0 

0.73 

0.38 


They have been arranged in the order of increasing values of K. It is 
at once evident that there is no relation between the various constants 
and the value of Aq. On the other hand, there is apparently a rough 
parallelism between the constants K and D. The order of the K and D 
constants, in other words, is identical. The order of the constant m 
appears to be the reverse of that of the constants D and K; that is, as 
K and D increase, m decreases. 

Aside from solutions in liquid ammonia, the equation has been found 
to hold for solutions in sulphur dioxide,"^ amyl and propyl ® alcohols and 
phenol.® In the case of the sulphur dioxide solutions the equation holds 
within the limits of experimental error. In that of the alcohol solu¬ 
tions, the deviations appear to be considerable at certain points, but it is 
possible that these are due either to experimental errors or to a lack of 
proper adjustment of the constants. The constants found are as follows: 

Kraus and Bray, loo. cit. 

8 Keyes and Winninghoff, J. Am. Chem. Soc. 3S. 1178 (1916). 

•Kurtz, Thesis, Clark University (1921). 
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TABLE XXIX. 

Constants of Equation 11 for Solutions in Different Solvents. 


Solvent Solute m K D Ao 

Sulphur dioxide . KI 114 8.5 X 10“^ 0.403 207. 

Iso-amyl alcohol .... Nal 1.2 5.85 X lO'^ 0.374 7.79 

Propyl alcohol . Nal 0.75 38.3 X 10'" 0.208 20.1 

Phenol . (CHel.NI 1.28 2.3 X 10--^ 0.69 16.67 


Comparing the ionization in ammonia and sulphur dioxide, in view 
of the much lower value of the constant K, dilute solutions in sulphur 
dioxide are ionized to a much smaller extent than are solutions in am¬ 
monia. On the other hand, in the more concentrated solutions, the ioniza¬ 
tion values again approach each other, since the value of D for sulphi 
dioxide is relatively large and the value of m is much greater than tha- 
in ammonia. The conductance curves of solutions in sulphur dioxide, 
phenol and amyl alcohol pass through a minimum while that of solu¬ 
tions in propyl alcohol resembles the curve for aqueous solutions. 

In the case of a great many solutions whose ionization is relatively 
low, the limiting value of the equivalent conductance in dilute solutions 
cannot be determined. Under these conditions, the value of K remains 
indeterminate. Nevertheless, if the ionization is relatively low, the ap¬ 
plicability of Equation 11 may be tested approximately. It is apparent 
that, when the ionization is low, the constant K becomes negligible in 
comparison with the term involving the constant D. Also, the value 
of A becomes small in comparison with that of Aq, so that for purposes 
of approximation the value of A may be neglected in comparison with 
that of Ao. Under these conditions Equation 11 reduces to the form: 

(12) = DA„2 — 

For the sake of brevity we may write: 

(13) DAJ^ — ^=P. 

If we take the logarithm of both sides of this equation, we obtain the 
linear equation: 

(14) log CA^ =: m log CA -f- log P. 

In order to test the applicability of the equation to solutions of very low 
ionization, therefore, it is only necessary to plot the logarithms of the 
values of CA and of CA^, both of which may be obtained from experi¬ 
mental data. If the equation holds, the points will lie upon a straight 
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line, the slope of which gives the value of the constant m and the inter¬ 
cept on the axis of CA^ the value of P. 

In Figure 12 are shown plots of Equation 14 for a number of organic 
electrolytes dissolved in hydrobromic and in hydriodic acids and in 



Fig. 12. Illustrating the Applicability of Equation 11 to Solutions of Binary Elec¬ 
trolytes in Solvents of Low Dielectric Constant. 

hydrogen sulfide. These solutions are well adapted to the purpose of 
testing the applicability of the equation, since the ionization of electro¬ 
lytes in these solvents is extremely low. It is evident that, except in the 
case of a few very concentrated solutions, the equation holds within the 
limits of experimental error. The curves, in general, have approximately 
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the same slope, which follows from the fact that the value of m is ap¬ 
proximately the same for these solutions. The greater the value of the 
exponent m, the steeper the curve on the plot. A great many solutions 
of this type have been measured and the results have been compared 
with the equation. The deviation in no case appears to be very great, 
from which it may be concluded that the equation holds to a considerable 
degree of approximation. The values of the constants m and P for 
various solutions are given in Table XXX.^° 

Many of the substances which appear in this table are not ordinarily 
classed as typical electrolytes. They are, in general, basic compounds 

TABLE XXX. 

Values of the Constants of Equation 12 for Various Solutions. 

Liquid Hydrochloric Acid (HCl). 


Tempera- 


Solute 

Formula 

ture 

m 

P 

Triethylammonium chloride 

(CA) 3 N.HC 1 

— 100 ° 

1.42 

5.75 

Acetamide . 

CH 3 CONH 3 

— 100 ° 

1.40 

5.53 

Methylcyanide . 

CH 3 CN 

— 100 ° 

1.44 

4.17 

Resorcinol . 

C„H,(OH), 

— 89° 

1.18 

3.89 

Hydrocyanic acid . 

HCN 

— 100 ° 

1.46 

3.33 

Toluic acid. 

CH 3 .CeH,COOH 

— 96° 

1.52 

1.58 

Diethylether . 

(CA)aO 

— 100 ° 

1.51 

1.38 

Propionic acid. 

C 3 H 3 COOH 

— 96° 

1.47 

1.21 

Acetic acid . 

CH,COOH 

— 96° 

1.42 

1.09 

Benzoic acid. 

C„H,COOH 

— 96° 

1.42 

0.94 

Butyric acid. 

C,H,COOH 

— 96° 

1.45 

0.85 

Methylalcohol. 

CH 3 OH 

— 89° 

1.61 

0.71 

Formic acid. 

HCbOH 

— 96° 

1.55 

0.67 

Ethylalcohol . 

C 3 H 3 OH 

— 89° 

1.70 

0.50 

Butylalcohol . 

C,S„OH 

— 89° 

1.62 

0.38 

Liquid Hydrobromic Acid (HBr). 



Triethylammonium chloride 

(CA) 3 N.HC 1 

— 81° 

1.51 

4.03 

Thymol . 

CH 3 .C 3 H,.C„H 30 H —80° 

1.57 

3.60 

Methylcyanide . 

CH,CN 

— 81° 

1.53 

2.48 

Acetamide . 

CH 3 CONH, 

— 81° 

1.48 

2.29 

Acetone . 

(CH3)3C0 

— 81° 

1.63 

1.88 

Metacresol . 

m-CH3.C3H*OH 

— 80° 

1.54 

1.70 

Orthonitrotoluene . 

o-CH 3 .C„H,N 03 

— 81° 

1.50 

0.99 

Benzoic acid . 

C 3 H 3 COOH 

— 80° 

1.67 

0.82 

Acetic acid . 

CH 3 COOH 

— 80° 

1.66 

0.78 


Kraus and Bray, loo, cit. 
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TABLE XXX.—Continued. 

Liquid Hydrobromic Acid (HBr). 


Tempera- 


Solute 

Formula 

ture 

m 

P 

Metatoluic acid ... 

. m-CHs.CeH.COOH 

— 80° 

1.65 

0.77 

Paratoluic acid ... 

. p-CH^.CXCOOH 

— 80° 

1.62 

0.76 

Butyric acid . 

. CaH^COOH 

— 80° 

1.66 

0.71 

Orthotoluic acid .. 

. o-CHsCeH^COOH 

— 80° 

1.60 

0.65 

Diethylether. 

. (CA);o 

— 81° 

1.63 

0.59 

Paracresol . 

. P-CH3.C,H,0H 

— 80° 

1.66 

0.55 

Resorcinol . 

. CeH,(OH)3 

— 80° 

1.40 

0.52 

Orthocresol . 

. o-CHj.CeH.OH 

— 80° 

1.68 

0.45 

Methylalcohol- 

. CH 3 OH 

— 80° 

1.80 

0.41 

Allylalcohol . 

. CA.CH 3 OH 

— 80° 

1.79 

0.39 

Ethylalcohol. 

. C 3 H 5 OH 

— 80° 

1.80 

0.35 

Amylalcohol ____ 

. aH„OH 

— 80° 

1.84 

0.27 

Normal propylalcohol. n-CoH-OH 

— 80° 

1.77 

0.27 

Phenol . 

. C,H,OH 

— 80° 

1.61 

0.27 


Liquid Hydriodic Acid (HI). 




Triethylammonium 

chloride (C 2 H,),N.HC 1 

— 50° 

1.58 

2.69 

Ethylbenzoate. 

. CeH^COOC^Hs 

— 50° 

1.62 

2.09 

Diethylether. 

. (C.HJ^O 

— 50° 

1.66 

1.26 

Liquid Hydrogen Sulfide (HjS) 

, 



Triethylammonium 

chloride (aHjl^N.HCl 

— 81° 

1.58 

2.06 

Nicotine . 

. 

— 81° 

1.63 

1.20 


Mercuric Chloride (HgCl 2 ). 




Caesium chloride .. 

. CsCl 

282° 

1.20 

14.5 

Potassium chloride , 

. KCl 

282° 

1.21 

14.3 

Ammonium chloride 

. NH,C1 

282° 

1.22 

14.3 

Sodium chloride ... 

. NaCl 

282° 

1.29 

13.7 

Cuprous chloride .. 

. CuCl 

282° 

1.33 

13.6 


Liquid Iodine (Ig). 




Potassium iodide ... 

. KI 

140° 

1.44 

13.5 


Ethylamine 




Silver nitrate. 

. AgNO, 

0° 

1.42 

4.68 

Ammonium chloride 

. NH^Cl 

0° 

1.57 

1.97 

Lithium chloride ... 

. LiCl 

0° 

1.54 

1.80 


Amylamine (CjHnNH^). 




Silver nitrate. 

. AgNO, 

25° 

1.67 

1.97 
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TABLE XXX.—Continued. 

Aniline (CeH.NHJ. 

Tempera- 


Solute 

Formula 

ture 

m 

P 

Ammonium iodide . 

. NHJ 

25° 

1.44 

2.19 

Silver nitrate ... 

. AgNO, 

25° 

1.42 

2.02 

Pyridine hydrobromide ... 

. CsHjN.HBr 

25° 

1.51 

1.91 

Aniline hydrobromide. 

. CeH^NH^.HBr 

25° 

1.44 

1.29 

Lithium iodide. 

. Lil 

25° 

1.33 

1.04 

Methyl Aniline (CeH^NHCHs). 




Pyridine hydrobromide ... 

. CsHjN.HBr 

25° 

1.64 

1.19 

Aniline hydrobromide .... 

. CeHjNH^.HBr 

25° 

1.59 

0.59 

Acetic Acid (CH 3 COOH). 




Lithium bromide . 

. LiBr 

25° 

1.43 

2.60 

Pyridine . 

. C 3 H 3 N 

25° 

1.56 

1.86 

Dimethylaniline . 

. CeH 3 N(CH 3)3 

25° 

1.48 

1.53 

Aniline .;. 

. CeH^NH, 

25° 

1.52 

1.32 

Propionic Acid (C 2 H 5 COOH). 




Lithium bromide . 

. LiBr 

25° 

1.74 

0.84 

Aniline . 

. C 0 H 3 NH 3 

25° 

1.79 

0.37 

Pyridine . 

. C 3 H 3 N 

25° 

1.76 

0.32 


Bromine (Brg). 




Trimethylammoniumchlo- 





ride 

(CH 3 ) 3 NHC 1 

18° 

1.62 

0.55 

Iodine ;. 

. 

25° 

1.74 

0.17 


containing either oxygen or nitrogen and in all likelihood they owe their 
electrolytic properties to the formation of complexes with the solvent, 
in which oxygen and nitrogen exhibit basic properties. For a given 
value of m the ionization is in general the greater the greater the value 
of P. It is apparent that among these electrolytes the typical salts are 
the most highly ionized. In solutions in the halogen acids and hydrogen 
sulphide, the substituted ammonium salts, or their derivatives, are more 
highly ionized than are other substances. In general, also, the typical 
salts have values of the constant m smaller than those of electrolytes 
which have a lower ionization. There are, however, a few exceptions, 
such, for example, as resorcinol in hydrochloric acid, which has a value 

Darby, J. Am. Chem. Soc. ^0, 347 (1918). 

“Plotnikow and Rokotjan, ZUcUr. f. phys. Chem. 8Jf, 365 (1913). 
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of m of only 1.18. Correspondingly, resorcinol in hydrobromic acid has 
a constant of only 1.40, which is distinctly lower than that of other sub¬ 
stances dissolved in this solvent. It is interesting to note that the value 
of the constant m never exceeds 2. The highest value of this constant is 
1.80 for methyl and ethyl alcohols in hydrobromic acid. It appears prob¬ 
able that the values of m for these two substances in hydrogen iodide 
will be found greater than in hydrogen bromide. 

In fused mercuric chloride the different typical salts exhibit a very 
similar behavior. The constant P differs only inappreciably for different 
electrolytes and the values of the constant m, for the most part, fall 
within very narrow limits. 

In the amines the constant m increases and the constant P decreases 
as the organic radical becomes more complex. The same is true in the 
case of acetic and propionic acids, where the constant m for propionic 
acid is much greater than for acetic acid. Judging by the relatively low 
value of the constant m for liquid iodine, this substance is a fairly good 
ionizing agent. ‘ 

2. Geometrical Interpretation of the Conductance Function, The 
conductance function: 



may be interpreted most readily by graphical methods. It will be under¬ 
stood that Y = ^ and that the following equations may at once be con- 

Ao 

verted to equations in which CA and A appear as variables in place of 
Cy and y- In speaking of the ionization, it is not intended to convey the 
impression that the conductance ratio necessarily measures the ioniza¬ 
tion, but rather it is introduced as a convenient variable for the purpose 
of discussion. If we differentiate the above equation, we have: 


(15) 


The coefficient 


dy 


d(Cy) 


K 


-(9i 

’ \K' 


Cy dK' 


d(Cy) 


-0 


dy 

WT) 


, which is the tangent to the y, Cy-curve, is a 


measure of the change of the ionization as a function of the ion concen¬ 
tration at any point on the curve. It is evident that if the term 
Cy dZ' 


K' d(Cy) 


approaches zero as Cy approaches zero, the tangent will ap¬ 
proach the value — ^ as a limit, where K is the limit which ap- 
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proaches at zero concentration. At higher concentrations the tangent 
will decrease; that is, the ionization will increase less rapidly for a given 

Cv djK^ 

increase in the ion concentration, because both K* and ^ 
crease with the concentration. 

If we introduce A and CA as variables. Equation 15 has the form: 
dA fCA AK' 


(16) 


d(CA) “ Ao^'A' 


fCA 

u 


d(CA) 


)■ 


The plot of A against the specific conductance in dilute solution will 
therefore be a curve convex toward the axis of specific conductances, and 
as the concentration decreases it will approach a line whose tangent is 

— ~ provided the conditions mentioned in the preceding paragraph are 
A 

fulfilled. 

In order to follow up the form of the curve at higher concentrations, 
we may introduce the conductance function 11. On differentiating this 
function we have: 

(17) dA A- r . mR 


d(CA)“AoA' 


( 1 ^ 

— 1 —y 


Since K' approaches K at low concentrations, it follows that the tangent 

approaches the value — ~ as a limit. At higher concentrations, the 

tangent decreases, since K' decreases. Ultimately the form of the curve 
depends upon the value of m. If m is less than 1, then the tangent will 
always have a negative value; in other words, the equivalent conduct¬ 
ance will always decrease with increasing values of the specific con¬ 
ductance. On the other hand, when m is greater than unity, the tangent 
will become zero, when: 

(18) m —1- ^=0; 


K' 


that is, at this point the conductance passes through a minimum value 
after which it increases with increasing values of the specific conduct- 


ance. Introducing for K' its value. 


■-m 


+ K, and denoting by C' 


and A' the values of the concentration and the equivalent conductance at 
the minimum point, we have: 


(19) 


m 


K 


Dim — D) 




(C'Y') 
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where y' —iT' equation gives the value of the specific conductance, 

Ao 

or the ion concentration, at the minimum point. The value of the ioniza¬ 
tion follows from the equation: 


( 20 ) 



DiCy) +K 
C'Y 


When m equals 1, we have a limiting case in which Equation 18 reduces 
to: 


( 21 ) 


dA 


A® mK 


d(CA)“Ao"K' K'‘ 


K 


It is evident that since ^ decreases as the concentration increases, the 


tangent approaches a value zero at high concentration. The ionization, 
therefore, approaches a constant value which may be obtained by writing 
m = 1 in Equation 11; we have: 


or, neglecting K, 

( 22 ) = = 

The ionization of such solutions, therefore, approaches the value 

as a limit. If an electrolyte has a very small value of K and a relatively 
large value of D, while the value of m is nearly unity, the conductance 
will vary only very little with concentration at higher concentrations. 
This is the case with the cyanides in liquid ammonia, more particularly 
with the cyanides of gold and silver. The value of m is a little less than 
* unity for the first substance and a little greater than unity for the 
second.^® Tor the ion concentration Cy = 1, Equation 11 reduces to: 


1 — Yi 

and since K may be neglected at this concentration, we have: 

(23) 

1 — Yi 

The constant D, therefore, measures the ratio of the ionized to the un¬ 
ionized fraction at the concentration Cy = 1. We shall see that, for a 

“ Kraus and Bray, loc. cit.j p. 1360. 
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given substance in different solvents or in the same solvent at different 
temperatures, the value of D is practically constant, while the values of 
m and K vary. It follows, therefore, that the y, Cy-curves for all such 


solutions pass through the point Cy = 1, y = 


D 


This relation is of 


jD + 1‘ 

importance in interpreting the influence of temperature on the conduct¬ 
ance of solutions. 

The further discussion of the relation between the conductance and' 
the concentration is greatly simplified by introducing the function K' and 
examining the manner in which K' varies as a function of the ion concen¬ 
tration. Differentiating, we have the equations: 


(24) 


or 


dK' 

d(CA) “ * m 


dK' 

d(CY) 




If D were zero, that is, if the mass-action law held, we should have: 


(25) 


dK' 

d{Cy) 


0 


or K' = constant. 


On the other hand, when the D term is present, K' will always increase 
with the concentration. The form of the K', CA-curve is determined 
mainly by the constant m. When m = 1, we evidently have: 


(26) 


dK' ^ dK' Km 

d(CY) d(CA) 


In this limiting case, therefore, K' varies as a linear function of the 
specific conductance CA. 

The form of the curves for values of m greater and less than unity 
may readily be determined by means of the second differential coefficients. 
We have: 


(27) 

When m < 0, 

(28) 


d^K' 

diCyr 


= Dm im — l) iCy}^'\ 


d^K' 

d{Cyy 


<0 


and the K, Cy-curve is everywhere concave toward the axis of Cy. When 

m > 1, 
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( 29 ) 


d^K' 

d{Cy)^ 


>0 


and the curve is everywhere convex toward the Cy-axis. 


case, m = 1, and 

im 


d^K' 

d(CY)^ 



In the limiting 


afld X is a linear function of Cy. 

From Equation 24, it follows that when m < 1, 


(31) 

dK' 

lim -T77TTT== 

c == 0 d(CA) 

and when m > 1, 



djs:' 

(32) 

lim , : = 0. 

c = o d(CA) . 


In the first case the K', Cy-cmve approaches the limit K asymptotic 
to the axis of K', while in the second case it approaches the limit 
asymptotic to a line parallel to the axis of Cy. 

The curvature of both curves increases as the concentration de¬ 
creases.^* For the radius of curvature of the K', Cy-curve we have the 
equation: 


(33) 




2(2-m) 

iCy)-T~ 
[DTO(m — 


^ 4/3 2 ) 4/3 

(m —1)2/3 


The exponent 2—m of the first term of the right-hand member of this 
equation is positive for all values of m less than 2. Since no solutions 
are known for which m is greater than 2, we need not consider greater 
values of m. It is evident, therefore, that, due to the first term, the 
radius of curvature increases with Cy for all values of m. For m > 1, the 
coefficient 2m — 1 is positive and the radius of curvature increases with 
Cy due to this term also. When m < 1, 2 — m > 2m — 1 so long as m is 
greater than zero. It follows, therefore, that the first term overbalances 
the second and that the curvature, for all values of m between zero and 2, 
decreases with increasing concentration, becoming infinite in the limit. 
For m = 1, i? = 00 , and the curvature is zero. For m < 1, the curvature 
is negative; that is, the curve is concave toward the C^-axis. While for 
m > 1, the curvature is positive, and the curve is convex toward this axis. 

For given values of D and K and for different values of m we have a 
family of curves passing through the points Cy = 0, K' =: K and Cy = 1, 
K' = D K. Such a system of curves is shown in Figure 13. The con- 

Kraus, Am. Chem. Soc. 42^ 6 (1920). 
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stants assumed are: D = 1.703, K = 0.001, and A„ = 129.9 for all curves, 
while m = 0.52 for Curve I, m = 1.50 for Curve II, and m = 1 for Curve 
III. The greater the value of m, the less rapidly does K' increase at the 
lower concentrations. For a value of m = 0, the curve degenerates into 
a horizontal straight line, corresponding to the mass-action constant 
K' = K-\-D. 



0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 I 0 

Ion Concentration (Cy). 


Fig. 13. Showing Typical K' Curves for Different Values of m According to 

Equation 11. 

It is evident that a given percentage deviation of X' with respect to 
K will be found at different values of the ion concentration. If we con¬ 
sider two solutions for which the value of K' has increased by a given 
percentage amount over K in both cases, then the ion concentrations of 
the two solutions are related according to the equation; 

(34) 

If D/K for the two solutions is of the same order, then the ratio of 
the ion concentrations will depend upon the values of m. The smaller 
the value of m, the lower will be the ion concentration at which a given 
change in K will be found. This is also obvious from Figure 13. ‘For 
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a given rise in the curve above the value of K, the ion concentration will 
be the smaller, the smaller the value of m. The value of the ion concen¬ 
trations corresponding to any given value of Z' are found by drawing a 
horizontal line and reading off the concentrations at the points of inter¬ 
section. In Table XXXI are given the values of m, D/K^ and the ion 

TABLE XXXI. 

Value op D/K and of m and Concentrations at Which Given Devia¬ 
tions FROM THE Mass-Action Law Occur for Solutions in NHg. 


Electrolyte D/K X10-’ m 

CyXlO^ CXIO* CtXIO" CXIO* 

KNH^ . 7.91 1.18 2.76 8.82 8.97 65.0 

Agl . 0.345 0.70 0.86 1.14 6.38 18.03 

NH^Cl. 1.06 0.84 1.10 1.19 5.70 7.99 

KNOs . 1.35 0.89 1.35 1.46 6.89 10.80 

NaNOj . 1.39 0.89 1.33 1.42 6.52 8.06 

NH^Br . 1.04 0.82 0.89 0.92 4.85 5.70 

LiNOa . 1.31 0.86 1.06 1.10 5.33 6.32 

Nal . 1.54 0.83 0.63 0.64 3.33 3.66 

AgNO, . 1.29 0.83 0.78 0.80 3.38 3.80 

NH 4 NO 3 . 1.39 0.86 0.98 1.02 4.92 5.64 

KI . 1.43 0.94 2.03 2.12 8.91 10.50 

Cyanacetamide .. 55.8 1.24 0.83 15.4 2.53 120.0 

Benzenesulphonamide . 2.09 1.00 2.40 6.34 9.59 64.8 

Methylnitramine . 0.941 0.85 1.32 1.52 7.08 12.04 

Metanitrobenzenesulphonamide 0.825 0.76 0.58 0.61 3.62 4.49 

Nitrourethaneammonium . 1.02 0.76 0.44 0.45 2.74 3.03 

Trinitraniline . 1.27 0.73 0.22 0.22 1.45 1.49 


concentrations Cy and the total salt concentrations at which the increase 
over the values of K amounts to 5 and 20 per cent respectively. 

For approximately the same value of D/K the value of Cy, for which 
a given increase occurs in the value of the mass-action function, decreases 
as m decreases. Thus, in the case of benzenesulphonamide, methyl¬ 
nitramine, metanitrobenzenesulphonamide, and trinitraniline, the value of 
m decreases from 1.0 to 0.73, while the value of Cy for a 5% increase in 
the function decreases from 2.40 to 0 . 22 . Similarly, in the case of sodium 
and potassium iodides, the values of m are respectively 0.83 and 0 . 94 , 
and the values of the ion concentrations for a 5% increase in the func¬ 
tion are 0.63 and 2.03 respectively. The deviations from the simple 
mass-action law, at a given concentration therefore appear smaller in the 
case of potassium iodide than in that of sodium iodide. For the same 
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value of the constant m, a given deviation occurs at the lower concen¬ 
tration, the greater the value of D/K. Thus, sodium iodide and silver 
nitrate both have a value of the exponent m = 0.83, while the values of 
D/K are 1.54 and 1.29 respectively. Correspondingly, the values of the 
ion concentrations for a 5% increase of the function are 0.63 and 0.78 
respectively. The value of D/K for typical electrolytes in ammonia lies 
in the neighborhood of 100. For weak electrolytes the value of D/K 
appears to be larger, as for example for cyanacetamide and potassium 
amide. In the case of silver iodide, however, which appears to be a very 
exceptional electrolyte, the value of D/K is extremely small. As we shall 
see below, the value of D for a given electrolyte is relatively independent 
of the nature and condition of the solvent. At higher temperatures, the 
dielectric constant of the solvent decreases and with it there is a large 
decrease in the value of the constant K, while the constant D remains 
practically fixed. At higher temperatures, therefore, the value of D/K 
will increase. This tends to increase the deviations from the simple 
mass-action relation. On the other hand, the value of m increases with 
increasing temperature and decreasing dielectric constant, and this tends 
to make the percentage deviations from the simple mass-action relation 
smaller. The observed effect will be the resultant of these two. From 
the known form of the conductance curve in solvents of very low dielec¬ 
tric constant, it is evident that ultimately the effect due to the increase 
in the value of D/K overbalances that due to the increase in the 
value of m. 

Corresponding to the K\ Cy-curves, we have the y? Cy-curves. These 
curves pass through the common points y == 1, Cy = 0, and y = 
D 4- K 

j^p-±^andCT=l. 

The particular case when the value of m is equal to unity, which 
leads to a linear relation between the function K' and the ion concentra¬ 
tion, likewise yields a very simple relation between the equivalent con¬ 
ductance and the specific conductance. In this case we may write our 
equation: 


Y 


1 —y 


= D + 


K 

Cy 


( 35 ) 


or 


^ I -KA,. 

Ao —CA- 


A 


It is obvious that the ratioor what is proportional to it, the ratio 
Y"-—, is now a linear function of the reciprocal of the specific conduct- 
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toce or of the ion concentration. The equation obviously approaches in 
form that which follows from the mass-action law which is. 


(36) 


Y 

1 — y'^Cy 


If the mass-action law holds, the ratio of the ionized to the un-ionized 
fraction is inversely proportional to the ion concentration. If, therefore, 

we were to plot the values of the ratio against values of the ion 

concentration Cy, we should obtain a rectangular hyperbola. When the 
constant m equals unity, the equation is of the same forna, except that 
the entire curve is raised by an amount equal to i). In this case, there¬ 


fore, the curve is again a rectangular hyperbola asymptotic to the 



axis on one side and asymptotic to the horizontal line 



D on tlie 


other. 

In very concentrated solutions, in the case of substances for which the 
value of m does not differ too greatly from unity, the equivalent (con¬ 
ductance at a given concentration for different electrolytes is roughly 
proportional to the value of D. The value of this constant, as has alrciuly 
been pointed out, is in a large measure a distinctive property of the 
electrolyte and varies only little as a function of the solvent. For the 
strongest electrolytes the value of D is always of the same order. 

As we shall see later, the conductance of an electrolyte is a func.tion 
of the temperature. At very high and very low concentrations the con¬ 
ductance invariably increases with increasing temperature, while, at in¬ 
termediate concentrations, the conductance in many cases decreases with 
increasing temperature, and always decreases at high temperatures. As 
we shall see, this behavior is due to the fact that the value of D remains 
constant and independent of the temperature, while the constant 7 n 
varies, increasing with increasing temperature. At intermediate concam- 
trations, therefore, the ionization decreases with increasing tenipcraturcH 
whereas at very high and very low concentrations the ionization remains 
practically fixed. 


3. Relation between the Properties of Solvents and Their Ionizing 
Power, Various attempts have been made to connect the power of a 
solvent to ionize dissolved substances with the properties of this solvent. 
So, for example, it has been suggested that those solvents which arc 
normally associated are capable of dissociating substances dissolved in 
them. This relation, however, is not a general one for it is now known 
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that all liquid substances are capable of ionizing substances dissolved in 
them quite irrespective of what their properties may be. The only con¬ 
dition necessary in order that the solution shall conduct the current is 
that the electrolyte shall be sufficiently soluble so that a highly concen¬ 
trated solution may be obtained. We have seen, in the preceding section, 
that in solvents which have a low ionizing power the conductance de¬ 
creases with decreasing concentration, and appears to approach a v^ilue 
of zero. If the electrolyte, therefore, is not very soluble, its influence on 
the conductance of the solvent will be inappreciable. If, howeverj an 
electrolyte is soluble up to, concentrations as high as normal, then its 
solutions will in all cases be found to conduct the current. In general, 
the typical inorganic electrolytes are not soluble in weak ionizing agents, 
but certain organic electrolytes, such as the salts of organic bases, hre 
quite soluble and yield solutions which conduct the current. It is prob¬ 
able that all liquid dielectric media to some extent possess the power of 
ionizing substances dissolved in them. 

The difference between the properties of solutions of electrolytes iii 
different solvents does not consist in a power to ionize an electrolyte in 
one case and the entire absence of this power in another, but rather in 
a difference in the form of the conductance curve which varies with the 
nature of the solvent, either with its constitution or with its temperature. 
That property of the solvent which appears to control the form of the 
conductance curve is the dielectric constant. Thomson and Nernst 
first suggested that the ionizing power of a solvent is determined by its 
dielectric constant. This constant, however, is by no means to be taken 
as a measure of the ionizing power of a solvent, for the ionization curve 
of a given electrolyte is a complex function of the concentration and the 
relative ionizations will vary with the concentration. At very high con¬ 
centrations the relative ionizations will, in general, differ much less than 
at low concentrations. Indeed, in the preceding section we saw that the 
constant D determines the ionization at very high concentrations and 
that, therefore, for a given electrolyte in different solvents there is a 
certain concentration at which the ionization of this electrolyte will be 
practically the same in all solvents. What we must expect to find, there¬ 
fore, is that the form of the conductance curve is determined by the 
dielectric constant of the solvent. The relation between the conductance 
and the dielectric constant is therefore shown most readily by bringing 
out the relation between the constants of the conductance function and 
the dielectric constant. In the following table are given values of the 

• Thomson, PMl. Mag. [5] SC, 320 (1893). 

^‘Nernst, Ztschr. f. phys. Chem. 13, 531 (1894). 
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jonstant and the constants m, D, and K for electrolytes in 
olvents. So far as possible, typical electrolytes have been 
nee, as we have seen, the constants are in general a function of 
rolyte. We have seen, however, that the typical electrolytes be- 
.^ilarly in a given. solvent, so that a rough comparison may be 
veen the dielectric constant and the various constants which 
the form of the conductance function. Those values of D 
ar in parentheses have been calculated from the values of P, 
hat the value of Ao is proportional to the fluidity of the 
his relation is not strictly true, particularly in the case of the 
lorganic solvents. However, it unquestionably gives the order of mag¬ 
nitude of this constant. 

' TABLE XXXII. 

Constants of Equation 11 and Dielectric Constants for Various Solvents. 


Dielectric 

, Solvent Solute constant m D X X10^ 

Hyflriodic acid .(C 2 H 5 ) 3 N.HC 1 2,9 1.58 (0.58) 

Amylamine.AgNOa 4.5 1.67 - .... 

Propionic acid .LiBr 5.5 1.74 (0.30) .... ^ 

Methylaniline .CcHsN.HBr 5.9 1.64 - - 

Ethylamine .AgNOa 6 2 1.45 (0.22) 2.4 XIO-'* 

Ethylamine .NH 4 CI 6.2 1 .57 .... .... 

Hydrobromic acid .(C 2 H 6 ) 3 N.HC 1 6.3 1.51 (0.54) .... l 

Aniline .AgNOa 7.5 1.42 (0.44) .... f 

Aniline .NHJ 7.5 1.44 (0.51) _ 

Hydrochloric acid.(CoH5)3N.HCl 9.5 1.42 (0.39) .... 

Acetic acid .LiBr 9.7 1.43 (0.30) .... 

Phenol .(CH 3 ) 4 NI 9.7 1.28 0.69 2.8 

Hydrogen sulfide.(C2H5)3N.HC1 10.0 1.58 (0.30) _ 

Methylamine .AgNOa 10.0 1.22 0.30 0.80 7*; 

Ethylenechloride .!.((33H7)4NI 10.5 .. _ 1.45 

Pyridine .Nal 12.4 .. 13.0 

Pyridine .KI 12.4 .. 5.2 

Acetoaceticester.NaSCN 15.7 .. _ 9.5 ^ 

Isoamylalcohol .'.Nal 15.9 1.2 0.403 5.85 

Isoamylalcohol .Lil 15.9 .. 7.3 

Acetophenone .Nal 16.4 .. 34.0 

Sulfur dioxide.KI 16.5 1.14 0.40 8.5 

Methylethylketone .Nal 18.4 .. 23.0 ^ = 

Isobutylalcohol .Nal 18.9 .. 12.0 

Acetone .Nal 21.8 .. _ 39.0 

Ammonia.Nal 22.0 0.83 0.43 28.0 

Ammonia.AgNOa 22.0 0.83 0.36 28.0 

Epichlorhydrin .(C2H6)4NI 22.6 .. _ 48.5 

Propylalcohol .Nal 23.0 0.75 0.208 38.3 

Benzonitrile .Nal 26.0 .. _ 55 0 


d.' 

The solvents are arranged in the order of their dielectric constants. 

It will be observed, in the first place, that the constant D is in all cases 
of the same order, varying between 0.2 and 0.69 with a mean value in the 
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neighborhood of 0.4. This constant, therefore, is a characteristic prop¬ 
erty of the electrolyte upon which the solvent has only a secondary influ¬ 
ence. In this connection, it is to be borne in mind that various com¬ 
plexes may be formed between an electrolyte and its solvent, upon the 
nature of which complexes the constant D may depend. We should 
therefore expect a certain amount of variation in the value of the con¬ 
stant D for a given electrolyte in different solvents. Probably the change 
in the value of D would be found to be much smaller in case the dielectric 
constant were altered, not by a change of the solvent medium, but by a 
change of the temperature. The constant m is seen to decrease as the 
dielectric constant increases. Since this constant is a property of the 
electrolyte, as well as of the solvent, it follows that an exact comparison 
cannot be made. However, it is clear that, for solvents of very low 
dielectric constant, the value of m approaches 2, whereas for solvents 
of very high dielectric constant the value of m is less than unity. In 
the case of water m appears to have a value in the neighborhood of .0.5. 
The change in the value of m as a function of the dielectric constant is 
well illustrated in the case of silver nitrate dissolved in the amines. Por 
amylamine, ethylamine, aniline, methylamine, and ammonia the dielec¬ 
tric constants are respectively 4.5, 6.2, 7.5, 10 and 22, and the values of 
m are 1.67, 1.45, 1.42, 1.22 and 0.83. It is seen that throughout this 
series of solvents, which are similar in their constitution, the value of the 
constant m for silver nitrate decreases with increasing values of the 
dielectric constant. 

The mass-action constant K decreases very rapidly as the dielectric 
constant decreases. While there are numerous transpositions in the order 
of the constants, which is to be expected, since this constant is a func¬ 
tion of the constitution of the salt as well as that of the solvent, never¬ 
theless, in a general way, there can be no question but that the mass- 
action constant K decreases as the dielectric constant decreases. The 
variation is much more regular when solutions in solvents of the same 
type are compared. So, in the case of solutions of silver nitrate in 
ammonia and its derivatives, the constants are as follows: ethylamine, 
2.44X10'®; methylamine, 0.8 X lO'"^; ammonia, 28X10''^. When the 
dielectric constant falls below a value of approximately 10, the mass- 
action constant for the typical salts has reached a value in the neighbor¬ 
hood of 1 X 10"^ and thereafter it falls off very rapidly with decreasing 
values of the dielectric constant. No accurate data being available in 
dilute solutions of solvents having a dielectric constant less than 10, it is 
impossible to proceed further with the comparison. Assuming, however, 
that the conductance function holds, it is possible to calculate the values 
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of the constant K if sufficiently accurate data are available at inter¬ 
mediate concentrations. The value of K for solutions in ethylamine was 
obtained in this way. The extremely low value of the constant will be 
noted. 

Having shown the relation between the constants of the conductance 
function and the dielectric constant, it will be unnecessary to give a 
detailed list of various solvents which have been found to yield electro¬ 
lytic solutions. The general form of the conductance curve may at once 
be inferred from the value of the dielectric constant. Many salts are 
not, as a rule, soluble in solvents of low dielectric constant. Neverthe¬ 
less, certain typical salts form solutions with many solvents of very low 
dielectric constant, as for example silver nitrate, which dissolves in amyl 
amine, which has a dielectric constant of only 4.5. Such behavior, how¬ 
ever, is exceptional and is probably to be ascribed to the formation of 
soluble complexes between the salt and the solvent. Various salts of 
organic bases, however, as has already been stated, are soluble in sol¬ 
vents of very low dielectric constant. 

The question has been raised as to the influence of the electrolyte on 
the dielectric constant of the medium in which it is dissolved. Walden, 
who has measured the dielectric constants of some non-aqueous solutions, 
concluded that the dielectric constant is greatly increased due to the 
addition of an electrolyte and has suggested that the observed deviations 
of strong electrolytes from the simple mass-action law are due to this 
factor. More recently, however, Lattey^® has subjected the methods 
of measuring the dielectric constant of electrolytes to careful examina¬ 
tion and has himself carried out measurements on numerous aqueous 
solutions. He finds that the dielectric constant of electrolytic solutions 
is considerably lower than that of the pure solvent. For example, for a 
solution of potassium chloride in water of concentration 0.00755 normal 
he obtained the value 66.25 as against 81.45 for pure water. The dielec¬ 
tric constant diminishes approximately as a linear function of the com 
centration and the effect for different electrolytes is of the same order 
of magnitude. Further investigations in this direction are much needed. 

The precise form of the functional relation between the dielectric 
constant of the solvent and the ionization of the dissolved electrolyte is 
unknown. Walden has suggested an empirical relation according to 
which the ionization of a typical electrolyte is the same in different 
solvents when the product of the dielectric constant and the cube root 

1649^'(m3r’ Petersh. 6, 305 and 1055 (1912) ; J. Am, C7iem. Soc. 35, 

isLattey, Phil. Mag. 41 , 829 (1921). 

“Walden, Ztschr. /. phys. CJiem. 5Jt, 228 (1905). 
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of the dilution have the same value. More recently, a number of writers 
have proposed theories of electrolytic solutions which lead to Walden^s 
relation as a consequence, Walden has made an extensive study of 
available data from which he draws the conclusion that his relation 
holds practically without exception. The theories in question will be 
discussed in another chapter. We shall here consider Walden^s relation 
from an experimental point of view only. 

In mathematical terms, we have: 

if 

(37) = Y 2 = Ya =, etc. 
then 

(38) = 6272 ^ = 8373 ^ = , etc. 

where 8 is the dielectric constant of the medium and V is the dilution 
of the solution of a given electrolyte, whose ionization fulfills the con¬ 
dition 37. Walden has tested the relation by comparing the values of 
for solutions of typical electrolytes in different solvents and believes 
to have shown that this quantity is a constant within the limits of experi¬ 
mental error and minor variations due, perhaps, to differences in the 
condition of the electrolyte in different media. 

It is clear, from Equation 38, that a small variation in the value of 
the product eV^ will have as a result a large variation in the resulting 
conductance curve, since the dilution enters as the cube root. Actually 
the variations of the constants are quite large. For example, at an 
ionization of 82%, the product eV^ in water has a value of 156, in 
ammonia 286, in isobutylalcohol 333, and in ethylene chloride 315. The 
constancy of the values which Walden has found is in part due to the 
use of unreliable conductance data and in part to the use of Aq values 
which are unquestionably in error. 

It is obvious, according to Equation 38, that, if the ionization curve 
is fixed for a typical electrolyte in one solvent, it is fixed for typical 
electrolytes in all other solvents. For we have, considering solutions of 
a given electrolyte in two different solvents, 

s,F,^^ 82 FA 

( 39 ) or 

If Fi is the dilution in the first medium, at which the ionization of the 
electrolyte is y, then V^, as determined by Equation 39, is the dilution in 

20 Walden, Ztschr. f. phys, Chem. 9//, 203 (1020). 
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the second medium at which the electrolyte will have the same ioniza¬ 
tion. 

In the following table are given values of V calculated according to 
Equation 39, at which the ionization of typical electrolytes is 70% and 
95% in different solvents, based upon an aqueous solution of sodium 
chloride as reference medium. Under V obs. are given the observed dilu¬ 
tions at which solutions in the various solvents have the ionization in 
question. 

TABLE XXXIII. 

Observed and Calculated Values of the Dilution V at Which Typical Electro¬ 
lytes IN Various Solvents Have the Same Ionization. 


Ethyl Epichlor- Aceto- Isobutyl- Ethylene 

Solvent Water Alcohol hydrin phenone Pyridine Ammonia alcohol chloride 

Dielectric 


constant . 81.7 

25.6 

22.6 

18.2 

13.0 

22.0 

18.9 

10.5 

Ao .108.9 

39.42 

62.1 

33.3 

57.0 

339.0 

12.8 

66.7 

Temp. 18° 

25** 

25° 

25° 

18° 

— 33.5° 

25° 

25° 

loniz. = 70%: 

Fobs. . 1-207 

125.9 

159.1 

320.5 

861.0 

794.5 

1348.0, 

11290.0 

7ealc.--- 1-207 

39.2 

56.8 

109.0 

299.0 

61.7 

97.5 

669.0 

loniz. = 95%: 

Fobs. . 181-0 

3590,0 

3350.0 

5970.0 

25110.0 

11910.0 

14620.0 

• • • • 

^calc.. 181.0 

5880.0 

8530.0 

16300.0 

44900.0 

9260.0 

14600.0 

.... 


The electrolyte employed for comparison is sodium iodide, except in the 
case of water, epichlorhydrin, ethylene chloride and ammonia, in which 
the electrolytes were sodium chloride, tetraethylammonium iodide, tetra- 
propylammonium iodide and potassium nitrate, respectively. So far 
as solutions in water are concerned, the ionization values correspond 
very closely for different binary electrolytes, so that it is a matter of 
indifference whether one or another typical binary electrolyte is em¬ 
ployed as reference electrolyte. At the higher concentrations, it is true, 
the value of y is somewhat lower for sodium chloride than for potassium 
chloride. However, this does not affect the comparisons appreciably; 
if anything, the' comparison is somewhat more favorable with sodium 
chloride than with potassium chloride as reference electrolyte. 

If Equation 38 were applicable, the calculated values of V should 
everywhere correspond with the observed values. At an ionization of 
70% the calculated values of V are in all instances too small. The dis¬ 
crepancy is greatest in the case of ethylene chloride at 70% ionization, 
which, according to calculation, should be 569 liters, whereas the meas¬ 
ured dilution is 11,290. In general, the lower the dielectric constant of 
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the medium, the greater the discrepancy between the observed and cal¬ 
culated values, although there are some marked exceptions. Further¬ 
more, the order of the deviations varies as the ionization of the electro¬ 
lyte varies. This is particularly noticeable in the case of ammonia and 
isobutyl alcohol, where the observed and calculated values very nearly 
agree at 95% ionization, but diverge largely at an ionization of 70%. 
On the other hand, in other cases, the deviation changes sign. For 
example, at 70% ionization the observed value for ethyl alcohol is 125.9 
and the calculated value 39.2, whereas at 95% ionization the observed 
value is smaller, being 3590, and the calculated value 5880. 

That Walden^s relation cannot hold generally may most readily be 
shown by graphical means. If we take logarithms of both sides 'of 
Equation 39, we have: 

log Va —log Vi = 3 log 

^2 

If the values of y for an electrolyte in different solvents are plotted 
against values of log 7, then obviously for any given value of y the 

abscissas on the curves will differ by 3 log —. In other words, the curve 

£2 

for an electrolyte in any one solvent may be derived from that in any 
other solvent by merely displacing the curve along the axis of log V by 

E ''' 

an amount equal to 3 log -i. An inspection of Figure 3, where values 

£2 

of Y for different solvents are plotted as functions of log 7, shows at 
once that this condition is not fulfilled, for, if the curve for water were 
displaced parallel to itself, it would not coincide with the curves for 
solutions of typical electrolytes in other solvents, such as ethyl alcohol, 
ammonia and ethylene chloride. Indeed, in order to test the applicability 
of Walden^s relation it is not even necessary to know the value of Ao, 

since it follows readily from Equation 39 and from the equation y 

Ao 

that if the conductances themselves are plotted as functions of log 7, it 
must be possible to derive the curve for an electrolyte in any one solvent 
from that in any other solvent by displacing the curve parallel to itself 
in some direction, this direction being determined by the values of Ao 
and of the dielectric constant e. Those familiar with the properties of 
electrolytic solutions will at once recognize that this condition is not 
fulfilled. 

Actually, it is not to be expected that any simple relation will exist 
between the ionization y and the dielectric constant of the solvent, for, 
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as we have seen, the value of y is expressed approximately as a function 
of the concentration by means of Equation 11, As was pointed out 
above, the constant D is practically independent of the dielectric con¬ 
stant, while m increases and K decreases with increasing values of this 
constant. As a result, the relative ionization of an electrolyte in two 
solvents will vary with the concentration in a more or less complex 
manner, and in two solvents the order of the ionization values may be 
reversed as the concentration changes. 

The important conclusion to be drawn from the behavior of solutions 
of electrolytes in different solvents is that the conductance function is 
of the same general form in all solvents. A single empirical equation 
is capable of expressing the relation between the conductance and the 
concentration in all cases, practically within the limits of experimental 
error. Whether or not this equation represents precisely the relation 
between the conductance and the concentration is relatively unimportant, 
sp long as the deviations from this equation show no decided systematic 
trend. In aqueous solutions, the weak electrolytes follow the mass- 
action law in conformity with the ionic theory. The strong electrolytes, 
]rowever, do not fulfill this condition. It follows from the foregoing con¬ 
siderations that the conductance curve for strong electrolytes in water dif¬ 
fers from that of electrolytes in other solvents only as regards magnitude 
pf the observed effects and not as regards the nature of the phenoniena 
involved. Any theory which has to account for the relation between the 
conductance and the concentration of electrolytes in water must equally 
account for the relation between these quantities in non-aqueous solvents. 

Various theories have been proposed to account for the change of 
the equivalent conductance as a function of the concentration in the case 
of strong electrolytes. The simplest of these is that the degree of ioniza¬ 
tion is actually measured by the conductance ratio, in which case it is 
necessary to account for the change in ionization as a function of the 
concentration. Unfortunately, a general theory of other than dilute 
solutions does not exist at the present time. A comprehensive method 
of treating concentrated solutions is therefore lacking. The problem of 
equilibrium in a system of charged particles has not been solved, and the 
question therefore remains open as to whether or not the change in 
ionization may be accounted for. On the other hand, the assumption 
may be made that the speed of the ions changes as a function of the 
concentration, as a consequence of which the conductance ratio does not 
correctly measure the degree of ionization. Certain writers have as¬ 
sumed that typical electrolytes are completely ionized in solution and 
that consequently the change in the conductance is due entirely to a 
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change in the speed of the carriers. It should be stated, however, in 
this connection, that no theory has thus far been proposed which ade¬ 
quately accounts for the change in the carrying capacity of the ions as 
a function of the concentration, particularly in solvents of low dielectric 
constant. Any such theory must not only account for an initial diminu¬ 
tion in the speed of the ions, but it must also account, in many cases, 
for a subsequent increase in the speed with increasing concentration. 
In fact, such a theory must account for the various forms of the con¬ 
ductance curves in different solvents and for the change in the form of 
the curves as the condition of the solvent is altered. Incidentally, it is 
to be noted that the order of the changes in the speed of the ions on 
this assumption is very great. It is true that, in aqueous solutions, the 
speed does not vary greatly from the most dilute solutions up to normal 
concentration, but in solutions in solvents of low dielectric constant it is 
not only necessary to account for a decrease in speed but in many cases 
for an increase in speed which, over a limited range of concentration, is, 
at times, as great as a thousandfold. It seems very difficult to account 
for a change of speed of this magnitude on the basis of our present 
knowledge of the properties of the carriers in different media. In this 
connection it should be borne in mind that, superimposed on these 
hypothetical changes in the speed of the ions, there is a change due to 
the viscosity of the solution which effect appears in every respect to 
be normal in character. Furthermore, solutions of weak electrolytes, 
both in water and non-aqueous solvents, conform to the mass-action law 
up to fairly high concentrations. If the speed of the ions changes with 
the concentration, then such a simple relation is not to be expected. 

A third hypothesis has been proposed, namely: that the ionization 
reaction differs from that which is commonly assumed. Certain writers 
have made the assumption that, in non-aqueous solutions, the electrolyte 
is associated, the association changing with concentration, and that only 
the associated molecules are capable of ionization. They assume, for 
example, in the simplest case, that the following reactions take place: 

MX + MX= (MX) 2 
(MX)2 = M2X- + X- 

As the concentration increases, the amount of the polymer increases and 
this increase might be sufficient to provide for an actual increase in the 
number of ions present. If this hypothesis is correct, the current in such 
solutions is carried chiefly by complex ions and consequently transfer¬ 
ence numbers in such solutions should be abnormal. Reliable trans¬ 
ference numbers in solvents of low dielectric constant are not available, 
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but from the data for solvents of somewhat higher dielectric constant 
it may be inferred that the transference numbers are approximately 
normal. Furthermore, since it appears that the deviations from the 
mass-action law in aqueous solutions are of the same character as in 
non-aqueous solutions, it follows that similar intermediate ions would 
have to be assumed to be present in solutions of the strong binary elec¬ 
trolytes in water. If such were the case, not only should the trans¬ 
ference numbers be abnormal, but they should vary as a function of the 
concentration. Now, while it is true that many transference numbers 
do vary with the concentration, a considerable variation takes place only 
at relatively high concentrations, and only at such concentrations where 
the viscosity of the solution has increased sufficiently to materially affect- 
the motion of the ions through the solution. It would seem that trans- 
ference measurements should yield data corroborating this last hypothesis 
if it were correct. So far as available data are concerned, the hypothesis 
is not substantiated. 

4. The Form of the Conductance Curve in Dilute Aqueous Solu¬ 
tions. The applicability of the conductance function to aqueous solu¬ 
tions is uncertain. That the Storch equation holds approximately for 
aqueous solutions at higher concentrations has long been known. In 
the case of Equation 11 this would yield for m values of approximately . 
0.6, and for D values in the neighborhood of 2. With such large values i 
of the constant D and small values of the constant m, it becomes f 
very difficult to determine the value of the constant K. At concentra¬ 
tions sufficiently low, so that the effect of the D term might be neglected, 
the ionization is so nearly complete that it becomes practically impos- 
sible to demonstrate whether or not the mass-action law is approached 
as a limiting form. Kraus and Bray have shown that Equation 11 may 
be applied with considerable exactitude to solutions in water up to lO’® . 
normal, provided a value of Ao is chosen which is lower than the experi¬ 
mentally determined values of the equivalent conductance at very low 
concentrations. More recently, Washburn and Weiland^^ have con- 
eluded from their very accurate conductance measurements on KCl up 
to 2 X 10’® normal that the mass-action law is actually approached as 
a limit. Their results, however, do not appear to be conclusive, since, . 
in extrapolating for the value of Ao, they assume the mass-action law 
to hold.^^ If the mass-action constant is calculated with a value of Ao 
based on the assumption that the mass-action law holds, then the results r 
must necessarily conform to the assumption made. The curve obtained 




"Washburn and Welland, J. Am. Ohem. S&c. JtO. 106 (1918), 
"Kraus, ^T. Am. Qhem. Soc. Jf2, 1 (1920), 
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is shown in Figure 14, in which values of the mass-action function K' 
are plotted against those of the concentration. The form of this function 
is entirely different from that which has been found to hold in solutions 
in non-aqueous solvents and it is obvious, moreover, that the function is 
a comparatively complex one. At higher concentrations, and practically 
down to 1.5 X 10'^ normal, the K'j (7-curve is everywhere concave 
toward the axis of concentrations. At this low concentration, however, 
the curve changes its form, and approaches a value asymptotic to a line 
parallel to the axis of concentrations. In order to establish the mass- 
action law as a consequence of experimental observations it must be 



Fia. 14. Showing Variation of K' with Concentration for Aqueous Solutions of 
KCl at 18° According to Washburn. 

shown that, over a measurable concentration interval, points on the curve 
necessarily lie upon a horizontal straight line. As this has not been 
done, it is evident that Washburn’s conclusions remain in doubt. 

The manner in which the curve for the mass-action function ap¬ 
proaches the axis depends upon the value of the constant m in the 
general equation. For values of m greater than unity, the curve ap¬ 
proaches the axis asymptotic to a line parallel to the axis of concen¬ 
trations; while for values of m less than unity, it approaches the axis 
asymptotic to the axis of K'. In the case of water, therefore, for which 
the value of m appears to be less than unity, we should expect that the 
curve would be everywhere concave toward the axis of concentrations. 
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The conductance of potassium chloride solutions between the concen¬ 
trations of 10"2 and 2 X 10"® normal may be represented well within the 
limits of experimental error, by means of the Equation 11 in which 
the constants have the value: m = 0.52, D = 1.703, Ao = 129.9, and 
jK = 10 X 10'^. Washburn^s value for K is 200 X 10"^. Actually, this 
represents an upper probable limit for the value of the constant K. 
The value 10 X 10"^ would appear to be too small. Salts in the alcohols 
have values of the mass-action constant considerably greater than this. 
Since, in general, the value of the mass-action constant increases with 
the dielectric constant, we should expect that the value of this constant 
in the case of aqueous solutions would be greater than in the alcohols. 
It should be noted, however, that the experimental results might still 
be represented within the limits of experimental error if a value con¬ 
siderably greater than 10 X 10~^ were assumed for the mass-action con¬ 
stant. It is possible, therefore, that the salts in water may have a value 
of the mass-action constant as high as 100 X 10~^. On the other hand, 
so far as the actual data are concerned, it cannot be definitely demon¬ 
strated that the mass-action law is approached as a limiting form in 
aqueous solutions of strong electrolytes. Even the value of 200 X 
for potassium chloride appears to be distinctly lower than the value of 
the constants for certain much weaker electrolytes in aqueous solution, 
as, for example, acids of intermediate strength. 

In the case of the strong acids and bases, sufficient data are not 
available to determine the order of magnitude of the limit which the 
function K' approaches. If the data relating to hydrochloric acid are 
correct, the ionization of this acid in a 10"^ normal solution is as low 
as that of potassium chloride at the same concentration, assuming that 
the value of Ao for hydrochloric acid is 380.0. Actually this value of 
Ao is somewhat too low and the value 382.0 is probably more nearly 
correct. It would appear, therefore, that the strong acids may approach 
a value of the mass-action constant as low or lower than that of the 
salts; or, in other words, values lower than 200 X 10'^. No data are 
available from which the ionization of the strong bases may be calculated 
at low concentrations. 

The limiting values which the ionization constants of the strong acids 
and bases approach at low concentrations is of considerable practical 
importance, since the hydrolysis of salts depends upon the relative values 
of these constants and that of water. If the values which the mass- 
action constants of the bases and acids approach at low concentrations 
are sufficiently small, then the salts of these acids and bases will be 


a® Kraus, loo. cit. 
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hydrolyzed to an appreciable extent at very low concentrations. In 
case the limits approached differ for the acids and the bases, the meas¬ 
urement of the conductance of very dilute salt solutions will be affected 
by hydrolysis. It appears not impossible that the bases may approach 
values of the mass-action constant lower than those of the acids. In 
liquid ammonia solutions the ionization constants of the bases are much 
lower than those of the acids. We might, therefore, expect that at con¬ 
centrations approaching 10"® normal the conductivity of the salt might 
be appreciably affected by hydrolysis. This is almost certainly the case 
with silver nitrate. The ionization constant of this base is approxi¬ 
mately 2.5 X 10"“^ at 25°. This value is based on the solubility of a 
saturated solution of silver oxide in water whose ionization has been 
determined to be approximately 0.64. At 10'’® normal the conductance 
of the silver nitrate solution would be affected to the extent of 0.7 per 
cent due to hydrolysis. Until more accurate data are available on the 
ionization of the strong acids and bases at low concentrations, the inter¬ 
pretation of conductance measurements with salts at low concentrations 
remains in doubt. 

5. Solutions of Formates in Formic Acid. It is evident, from the 
considerations of the foregoing sections, that, as the concentration of an 
electrolyte increases, the value of the function increases. In other 
words, as the concentration of the electrolyte increases, the conductance 
falls less rapidly than required by the simple mass-action relation. As 
we have seen, if the simple mass-action law holds, then a plot of the 
reciprocal of the equivalent conductance against the specific conductance, 
or the ion concentration, yields a linear relation between the experi¬ 
mentally determined points. Deviations from the mass-action law are 
then, obviously, such that at high concentrations the points diverge from 
a straight line toward the axis of specific conductances. In general, 
therefore, these curves are concave toward the axis of specific con¬ 
ductances. There are indeed a few cases in which the curves are convex 
toward the axis of specific conductances, or, in other words, in which 
the deviations from the mass-action relation are in the opposite direction. 
This has been found to be the case with aqueous solutions of certain 
weak organic acids whose viscosity is very high. Presumably this form 
of the curve is due to the rapidly increasing viscosity of the solution at 
higher concentration. The same form of curve has been found by 
Schlesinger and his associates for solutions of formates in formic acid.^^ 

Schlesinger and Calvert, J. Am. Chem. Soc. S3, 1924 (1911) ; Schlesinger and 
Martin, J. Am, Chem, Soc. 86, 1589 (1914) ; Schlesinger and Coleman, J. Am. Chem. Soc. 38, 
271 U916) ; Schlesinger and Mullinix, J. Am. Chem. Soc. U, 72 (1919) ; Schlesinger and 
Reed, J. Am. Chem. Soc. Jfl, 1921 (1919) ; Schlesinger and Bunting, J. Am. Chem. Soc. kl, 
1934 (1919). 
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According to Schlesinger, solutions of the formates in formic acid 
present an anomaly in that, while they are highly ionized, differing but 
little in this respect from aqueous solutions, the simple law of mass-action 
is obeyed up to concentrations as high as 0.3 normal. If this interpreta¬ 
tion is correct, it will be necessary to revise all commonly accepted notions 
relative to the causes underlying the deviations from the simple mass- 
action law, since in these solutions we would have a case in which the 
law of mass-action is obeyed up to high concentration for solutions of 
strong electrolytes. We may, therefore, examine the results obtained 

Specific Conductance of Sodium Acetate in Water. 
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Specific Conductance of Sodium Formate in Formic Acid. 

Fig. 15. Comparison of Conductance Curves in Formic Acid and in Water, 

in formic acid with some care in order to determine whether or not solu¬ 
tions in this solvent may be brought into line with solutions in other 
solvents. 

It is at once apparent that measurements with solutions in formic 
acid may lead to difficulties of interpretation, owing to the fact that the 
conductance of the pure solvent is very high. It is not possible to 
carry the measurements to very low concentrations; and if such measure¬ 
ments are carried out, the results will always be more or less in doubt. 
In Figure 15, the upper curve represents a plot of 1/A against the 
specific conductance for solutions of sodium formate in formic acid, 
according to Schlesinger. It will be observed that, between a concen¬ 
tration of C = 0.0667 and C = 0.297, the points lie upon a straight line 
within the limits of experimental error. At lower concentrations the 
curve deviates from a straight line, being concave toward the axis of 
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ion concentrations, while at higher concentrations it is convex toward 
this axis; in other words, the experimentally determined points lie upon 
a curve which has an inflection point somewhere between the concentra¬ 
tions given above, probably in the neighborhood of 0.1 normal. Schles- 
inger is inclined to attribute the deviation of the points in the more 
dilute solutions to the presence of impurities. So far as the conductance 
of the solvent is concerned, since sodium formate has an ion in common 
with formic acid, it is to be expected that the ionization of formic acid 
itself will be repressed by sodium formate, so that the conductance, of the 
pure solvent itself will not enter. He believes, however, that there are 
present in the solvent impurities, as a result of which the measured con¬ 
ductance is higher than that due to the electrolyte. On the other hand, 
it is known that the salts of the fatty acids yield ions which move very 
slowly and whose solutions exhibit an extremely high viscosity. The 
form of the curve in the case of the formates in formic acid is similar 
to that of certain acids in water. Further light may be thrown upon 
this question by considering the conductance curves of salts of organic 
acids in water, whose solutions likewise exhibit a high viscosity. The 
lower curve in Figure 15 represents a plot of 1/A against the specific 
conductances for sodium acetate in water at 18°. An inspection of the 
figure shows at once that the curve for sodium acetate in water is in all 
respects similar to that of sodium formate in formic acid. Between the 
concentrations 0.1 and 0.5 normal, the points lie upon a straight line 
within the limits of experimental error. In the more dilute solutions, 
the experimentally determined points lie upon a curve concave toward 
the axis of concentrations and in the more concentrated solutions on a 
curve convex toward this axis. In the case of sodium formate in formic 
acid, the concentration interval over which the points lie upon a straight 
line is 0.0667 to 0.297, corresponding to a concentration ratio of 4.45, 
while in the case of sodium acetate in water the corresponding concen¬ 
tration interval is 0.1 normal to 0.5 normal, whose ratio is 5.0. If we 
hold that the law of mass-action applies to solutions of sodium formate 
in formic acid, we might equally well hold that this law applies to solu¬ 
tions of potassium acetate in water. Our knowledge of the behavior of 
aqueous solutions, however, is such that it is at once evident that the 
linear form of the curve between 0.1 and 0.5 normal is due to the fact 
that, owing to the high viscosity of the solutions at higher concentra¬ 
tions, the conductance as measured is smaller than it otherwise would be. 
On the other hand, in the more dilute solutions the form of the curve 
in the case of sodium acetate is entirely similar to that of other 
binary electrolytes in water. It is difficult, therefore, to escape the con- 
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elusion that in the case of solutions of the formates in formic acid, 
likewise, the approximately linear form of the curve over a limited con¬ 
centration interval is due to the existence of ah inflection point and that 
the causes underlying the course of the curve are the same as those in 
solutions of sodium acetate in water. It appears probable, therefore, 
that solutions of the formates in formic acid do not constitute an excep¬ 
tion to the well-known behavior of strong electrolytes in solvents of high 
dielectric constant. From this point of view these solutions are normal 
in their behavior. 

6. The Behavior of Salts of Higher Type. Up to this point, the 
electrolytes considered have been of the binary type. In the case of 
salts of higher type the interpretation of conductance measurements 
becomes much more difficult and rmcertain, since it is possible, and even 
probable, that ionization may take place in several stages, as indeed it 
does in the case of weak acids and bases. For example, a salt of the 
type MXj may ionize according to the equations: 

MX2 = MX" + X- 
MX" = M""-f X- 

MXj, = -1- 2X-. 

If ionization takes place only according to the last equation, then the 
degree of ionization may be calculated from conductance measurements. 
But if ionization takes place according to the first two equations, then it 
is not possible to determine the number of carriers in the solution at a 
given concentration. In the case of weak dibasic acids, ionization often 
takes place according to the first two equations, the constants of the 
two reactions being such that one reaction is practically completed before 
the other reaction has begun. With salts this does not appear to be 
the case. 

In any case, if the concentration is sufficiently low, we should expect 
that, ultimately, there would be present in the solution only the ions M'"* 
and X-. Since the ion carries two charges, its carrying capacity 
will be approximately twice as great as that of an ion carrying only a 
single charge. The molecular conductance of such an electrolyte should 
therefore approach a value approximately twice that of a binary electro¬ 
lyte, or its equivalent conductance should approach a value of the same 
order as that of binary electrolytes. An examination of the conductances 
given in Table III indicates that this is the case. The limiting value 
of the equivalent conductance for salts of different type is throughout 
of the same order, and we may conclude, therefore, that at low concen- 
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trations the carrying capacity of an electrolyte is determined by the 
number of charges associated with the ionic constituents. 

In solutions of salts of the type of copper sulphate, reaction may take 
place according to the equation: 

CuS 04 =Cu"^ + S0,-. 

This reaction is a binary one, similar to that of the binary salts, but 
the molecular conductance of such a salt should be twice that of a binary 
salt. Such has been found to be the case. 

This behavior of salts of higher type appears to be quite general 
and is not confined to aqueous solutions. In Table XXXIV are given 
conductance values for solutions of strontium and barium nitrates in 
ammonia. It will be observed that in both cases the limiting value of 
the molecular conductance is much higher than that of binary electro¬ 
lytes and is, in fact, approximately twice that of these electrolytes. We 
may assume, therefore, that in these solutions we have ultimately a 
reaction corresponding to the type: 

Sr.(NOa)2 = + 2NO3-. 

It is apparent, however, that at a given concentration the number of 
carriers present in solutions of these electrolytes is much lower than it is 
in solutions of typical binary electrolytes. Owing to the low value of 
the ionization, the values of.Ao for electrolytes of this type have not been 
determined with any degree of certainty. 

TABLE XXXIV. 

Conductance of Ternary Salts in NH 3 at — 33°. 

Ba(N03)/« 


V 

Amol 

V 

.A. mol 

286.2 

145.0 

91.1 

101.3 

1283.0 

207.0 

1407.0 

200.6 

5441.0 

275.8 

14950.0 

319.4 

20360.0 

359.3 

58750.0 

422.5 

61660.0 

449.0 

116500.0 

498.5 

151100.0 

514.2 




Similar results have been obtained with solutions of ternary electro¬ 
lytes in various other solvents, such as acetone, pyridine, and the like. 
In many cases, however, the solubility of these salts is relatively low 
and their ionization at ordinary concentrations is often extremely small. 
They do not, therefore, lend themselves to a quantitative study of the 

28 Franklin and Kraus, Am. Chem. J. 2S, 292 (1900). 

2« Franklin and Kraus, J. Am, Chem, Soc, 27^ 200 (1905). 
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relation between the conductance and the concentration. In the case 
of aqueous solutions, however, sufficient data are available to make it 
possible to obtain a general notion as to the manner in which the con¬ 
ductance varies as a function of concentration. Assuming a reaction of 
the type 

and assuming the mass-action law to apply, we obtain the equation: 



In Table XXXV are given values of the fimction K' calculated 
according to the above equation at a series of concentrations for calcium 
chloride dissolved in water at 18°. 

TABLE XXXV. 

Values op the Mass-Action Function for CaClj Solution 
IN H 2 O AT 18°. 

C .... 10-* 5X10-* 2X10-' 10-1 5X10-1 

Y.954 .910 .849 .764 .686 

K .... 1.88X10-' 1.7X10-1 1.62X10-' 1.88X10-' 2.6XlO-i 

It will be observed that the mass-action function for this salt increases 
very greatly with* the concentration. On the whole, the increase is much 
more marked than it is for binary electrolytes. The value of the func¬ 
tion, moreover, is much lower throughout than it is for solutions of binary 
electrolytes. At 5 X lO'i normal the value of K' is only 0.26, which is 
approximately one-half that of potassium chloride, while at 10"' normal 
the value is 1.88 X 10'°. The mass-action function, therefore, falls off 
very rapidly as the concentration decreases. In the case of copper sul¬ 
phate solutions we have the equation; 



Values of the mass-action function for this electrolyte at different con¬ 
centrations are given in Table XXXVI. At higher concentrations the 
value of the function K' for this salt is smaller than that for calcium 
chloride, but the constant decreases much less rapidly as the concentra¬ 
tion decreases and at lower concentration the value of the function is 
much greater than that of calcium chloride. On the whole, the function 
appears to undergo a smaller change with the concentration in the case of 
copper sulphate than in that of uni-univalent electrolytes. However, it 
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is to be borne in mind that the value of Ao for this electrolyte is much 
less certain than that for the uni-univalent salts. 

TABLE XXXVI. 

Valxje of the Mass-Action Function for CUSO 4 in H 2 O at 18°. 

C . 10-" 5X10-" 2X10" 10-’- 1.0 

Y%.... 86.2 70.9 55.0 39.6 30.9 

K . 5.4X10-" 8.6X10" 1.34X10'" 2.6X10-" 1.38X10'’^ 


As the salts become more complex, the value of the mass-action func¬ 
tion becomes smaller and decreases more rapidly as the concentration 
decreases. For potassium ferrocyanide, assuming the reaction equation: 

K,FeCNe = 4K+ -f FeCNe'-, 
the mass-action function has the form: 


{CyV 

C(l-Y) 


= K'. 


Values of the function at different concentrations are given in Table 
XXXVII for this salt, as well as for lanthanum sulphate. The constant 
for the ferrocyanide is throughout small and at low concentrations 
approaches values of an entirely different order of magnitude from that 
at the higher concentrations. In the case of lanthanum sulphate, the 
change in the constant is even more pronounced, as may be seen from 
an inspection of the table. 


TABLE XXXVII. 

Values of the Mass-Action Function of Aqueous Salt Solutions. 

K.FeCNo 


C 2X10-" 1.25X10'^ 5.0X10" 1.0X10'^ 3.0X10'^ 4.0X10'^ 

Y% 85.8 71.0 68.7 53.2 48.8 45.3 

K .52X10'"“ 1.5X10'" 1.03X10'“ 0.920X10'= 4.33X10'* 0.925X10'" 

La2(S04)8 

C . 2X10'" 10" 5X10'" 

Y% . 51.4 33.9 26.2 

K . 1.28X10'"" 0.67X10'"“ 1.03X10'" 


It is obvious that, in solutions of electrolytes of higher type, the 
mass-action function varies the more the higher tlie type of the salt. 
The value which the function appears to approach at very low concen- 
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trations becomes extremely small and it is uncertain whether or not the 
function approaches a limiting value other than zero. The interpreta¬ 
tion of the results, moreover, is rendered uncertain owing to the possible 
formation of intermediate ions. It might be expected, however, that, 
in the limit, the intermediate ions will disappear and the function will 
correspond to the usual mass-action function. 

Although the curves become quite complex for salts of higher type, 
it appears, nevertheless, that the conductance curves at higher concen¬ 
trations have the same general form as for salts of simpler type, and that 
they vary in a similar manner as the nature of the solvent varies. In 
he following tables are given values for the conductances of Cu(N 03)2 
id K 2 Hg(CN )4 in ammonia.^^ 

TABLE XXXVIII. 

Conductance of Ternary Salts in NH3 at —33®. 

Cu(NQ 3)2 K2Hg(CN)4 


V 

A 

V 

A 

1.5 

98.3 

2.0 

198.8 

4.9 

82.9 

5.0 

182.7 

9.9 

78.2 

19.6 

159.8 

19.9 

80.9 

49.8 

169.2 

323.0 

151.8 

590.0 

298.9 

1300.0 

213.7 

4545.0 

493.1 

11190.0 

417.0 



22450.0 

498.0 




It will be observed that, in both cases, the conductance passes through 
a minimum value at concentrations in the neighborhood of 0.1 normal. 
In other words, an increase in the conductance with the concentration at 
the higher concentrations is not confined to binary electrolytes, but is 
more or less typical of all electrolytes. It appears, therefore, that the 
general form of the conductance function is the same for electrolytes of 
different types. What the precise form of the equation may be, however, 
has not been determined, sipce the Ao values are unknown and the prob¬ 
lem is complicated owing to the possible formation of intermediate ions. 

37 Franklin, Ztsciir. f. pTiya. C7iem. 69^ 272 (1909). 



Chapter V. 

The Conductance of Solutions as a Function of 
Their Viscosities. 

1. Relation Between the Limiting Conductance Aq and the Viscosity 
of the Solvent. One of the factors upon which the conductance of a 
solution depends is the viscosity of the solution itself. If conductance 
is due to the motion of charged particles through a medium, then the 
speed of the particles will obviously depend upon the resistance which 
the particles experience in their motion; that is, upon the viscosity of 
the medium. Unless the solutions s^re concentrated, their viscosities will 
not differ materially from that of the pure solvent. We should therefore 
expect that the viscosity of the pure solvent would determine the motion 
of particles under otherwise given conditions. We shall accordingly 
examine the relation between the conductance and the viscosity of solu¬ 
tions in different solvents. In very dilute solutions we may expect that 
the motion of a given particle will be practically independent of that of 
other particles of the electrolyte which may be present in the solution. In 
the limit, therefore, the Ao values will be determined by the nature of the 
moving particles and by that of the solvent medium in which they move. 
In Table XXXIX ^ are given fluidity and Ao values for solutions in a 
number of solvents, together with the values of the ratio Ao/F. 

TABLE XXXIX. 


Fluidity and Ao Values for Electrolytes in Different Solvents. 


Solvent 

Temp. 

f =1/9 

Ao 

Ao/F Electrolyte 

Water.. 

18° 

93.9 

111.0 

1.173 

Nal 

Ammonia . 

... —33° 

391.0 

301.2 

0.770 

U 

Sulphur dioxide. 

... —10° 

233.4 

199.0 

0.854 

KI 

Benzonitrile . 

25° 

80.0 

49.0 

0.613 

Nal 

Epichlorohydrin . 

25° 

97.1 

62.1 

0.649 

iCA)M 

Propylalcohol.. 

18° 

42.5 

20.6 

0.486 

Nal 

Acetone . 

18° 

304.0 

167.0 

0.550 


Methylethylketone ... 

25° 

249.0 

139.0 

0.560 

it 

Pyridine . 

18° 

101.0 

61.0 

0.603 

H 

Isobutylalcohol . 

... 25° 

29.6 

13.7 

0.463 

it 

Acetoaceticester . 

18° 

59.4 

30.7 

0.517 

ii 

Isoamylalcohol . 

25° 

27.2 

9.2 

0.338 

(i 

Ethylenechloride . 

25° 

127.9 

66.7 

0.522 

(C3H,),NI 


1 These values are taken from Kraus and Bray {loc. cit., p. 1383), excepting those for 
water and the viscosity data for sulphur dioxide for which see Fitzgerald, j. Fhya, Chem, 
16, 621 (1912). 
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So far as possible the same electrolyte, namely sodium iodide, has been 
employed for the purpose of comparison. In a few cases, however, 
results with this electrolyte are not available and the data for other 
iodides are therefore given. If the speed of the ions -is solely a function 
of the viscosity of the solvent and is independent of the nature of the 
electrolyte, the nature of the solute will have no influence on the ratio of 
conductance to fluidity. As we shall see below, this is not the case.^ 
On examining the table it will be seen that the limiting value of the 
conductance is roughly proportional to the fluidity of the solvent. The 
ratios Ao/F given in the last column vary between 0.338 for isoamyl- 
alcohol and 1.173 for water. These are, however, extreme values, and in 
the greater number of cases the ratio has a value of approximately 0.6. 
The three inorganic solvents, water, ammonia and sulphur dioxide, show 
exceptionally high values of the conductance-fluidity ratio. The 
higher alcohols have exceptionally low values, the value in general 
being the smaller the more complex the alcohol. In comparing 
the Ao values of the salts in different solvents, we are comparing the 
sum of the conductances of the two ions. We may therefore expect 
to obtain a more nearly comparable result if we compare the con¬ 
ductances, not of the electrolytes, but of the individual ions of the elec¬ 
trolytes. The ratios of the ionic conductances for the different ions in 
ammonia and in water have been given in Table V. An examination of 
that table shows that the ratios of the ionic conductances vary all the 
way from 2.03 to 3.36, while the ratio of the fluidities of the two solvents 
is 4.15. It follows, therefore, that the ratio of the Ao values for a given 
electrolyte in different solvents cannot be a constant, since the ratios of 
the ion conductances vary for different ions. 

If a comparison is to be made between the conductance and the 
fluidity of electrolytes in different solvents, it might be expected that 
more nearly comparable results would be obtained if the more slowly 
moving ions were chosen for the purpose of comparison. For example, 
in water at 18°, the ratio of the conductance of the acetate ion to the 
fluidity of water is 0.367,^ while in ammonia the ratio of the conductance 
of the CH3CONH" ion to the fluidity of ammonia at its boiling point 
is 0.330. 

Apparently, therefore, the ratio of the ionic conductance to the 
fluidity of the solvent approaches a constant limiting value somewhere 

* Walden [Ztschr. f. phys. CJiem. 78, 257 (1912)] believes to have shown that, with a 
few exceptions, the ratio A^/F is constant. In this he has been misled as a result of 
employing Aq values obtained by extrapolating with the cube root formula of Kohlrausch 
which is not applicable. 

« Based on the value 34.6 for the conductance of the acetate ion: Johnston, J. Am. 
Cf/im. Si, 1010 (1909). 
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‘in the neighborhood of 0.3 as the ions become more complex; that is, 
as the speed of the ions decreases. It follows that, in the case of very 
slowly moving ions, the speed is inversely proportional to the viscosity 
of the medium, more or less independent of the nature of the solvent 
itself. It is interesting to compare the speed of ions due to radiations 
with the speed of ordinary ions in different solvents. In Table XL^ 
are compared the speeds of the acetate ion in water, the lithium ion in 
ammonia, and the positive and negative ions in hexane. In the last 
column are given the values of the ratio of the speed of the ions to the 
fluidity in arbitrary units. 


TABLE XL. 

Comparison of Ionic Speeds in Different Solvents. 


Speed of ion 


Solvent 

Ion 

‘5X10* 

F 

S/F 

Water 

Acetate 

3.58 

95.35 

3.76 

Ammonia 

Lithium 

11.60 

390.8 

2.97 

Hexane 

Positive 

6.03 

312.0 

1.98 

Hexane 

Negative 

4.17 

312.0 

1.34 


It will be observed that both positive and negative ions in hexane move 
decidedly slower than even the slowest moving ion in ammonia or in 
water, taking into account the relative viscosities of the solvent media. 
Apparently, in solvents of very low dielectric constant, the speed of the 
ions relative to the fluidity of the solvent is smaller than it is in solvents 
of higher dielectric constant. It may be inferred, therefore, that the 
positive and negative carriers in hexane are associated with a con¬ 
siderable number of the solvent molecules, as a result of which their 
speed is relatively low with respect to that of the ordinary ions in water 
and ammonia. 

2. Change of Conductance as Result of Viscosity Change Due to the 
Electrolyte Itself. At higher concentrations the viscosity is a function 
of the concentration of the solution, and, in most cases, increases with 
it. In aqueous solutions there are, however, many eases in which the 
viscosity decreases at higher concentrations, or rather, in which the vis¬ 
cosity passes through a minimum, beyond which it again increases as the 
concentration increases. The viscosity effect of the electrolyte, there¬ 
fore, is a property depending on the electrolyte as well as on the solvent. 
Solutions which exhibit a negative viscosity change with the concentra¬ 
tion, that is, whose viscosity decreases with increasing concentration, are 

‘Kraus, Am . Ohem . Sqc. 36, 35 (1914), 



112 PROPERTIES OF ELECTRICALLY CONDUCTING SYSTEMS 

also found in glycerine. In general, however, the negative viscosity 
effect appears only in the case of solutions in solvents having high dielec¬ 
tric constants. As a rule, only those salts which show relatively a slight 
tendency to form stable hydrates exhibit a negative viscosity effect in 
solution. In Table XLI are given examples of the relative viscosities of 
solutions in ammonia,® water, and methylamine® at a number of con¬ 
centrations. 

TABLE XLI. 

COMPAEISON OF THE VISCOSITY CHANGE DuE TO ELECTROLYTES IN 


Different Solvents. 

Solvent Solute Relative Viscosity at Concentration: 

0.5 1.0 2.5 

Water. LiCl 1.05 1.10 1.42 

Ammonia. KI 1.16 1.38 2,38 


Methylamine .... AgNOg 1.40 1.96 6.38 

It will be observed that in a 0.5 normal solution the viscosity increase 
for potassium iodide in ammonia is approximately three times that of 
lithium chloride dissolved in water, while the viscosity change for silver 
nitrate in methylamine at the same concentration is approximately three 
times that of potassium iodide in ammonia. Approximately the same 
ratio of increase holds at somewhat higher concentrations. In this con¬ 
nection it should be noted that the viscosity effect in the case of lithium 
chloride is relatively very great compared with that of other salts in 
water. In the case of potassium iodide the viscosity effect is actually 
negative in water. We see, therefore, that the lower the dielectric con¬ 
stant of the solvent, the greater is the increase in viscosity due to the 
added electrolyte. The dielectric constants are approximately 80, 22 
and 10 for water, ammonia, and methylamine respectively. There are 
no data available relative to the viscosity of solutions in the higher 
amines, but qualitative data indicate that the viscosity effect increases 
very greatly with increasing complexity of the solvent, or, rather, with 
decreasing dielectric constant of the solvent. It is evident that there is 
a relation between the magnitude of the viscosity effect due to an elec¬ 
trolyte and the dielectric constant of the solvent in which this electrolyte 
is dissolved. 

In Figure 16 are shown curves® representing the relation be¬ 
tween the viscosity and the concentration of aqueous solutions of 


“Fitzgerald, loc. cit, 

“Sprung, Fogg. Ann. d. Phys. 159, 1 (1876). 
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potassium iodide at 0°, 30°, and 60° and sodium chloride at 10°, 30°, and 
60°. It will be observed that the viscosity in the case of potassium 
iodide at 0° passes through a minimum in the neighborhood of 2% nor¬ 
mal, after which it again increases. At higher temperatures the minimum 
is displaced toward lower concentrations and finally disappears. The 
negative viscosity effect decreases rapidly with increasing temperature 
and in most cases disappears in the neighborhood of 30°. At still higher 
temperatures the viscosity effect becomes positive. In general, the posi¬ 
tive viscosity effect increases markedly with the temperature. 



Concentration. 

Fig. 16. Viscosity of Aqueous Solutions at Different Concentrations. 

In glycerine solutions,'^ ammonium iodide, potassium iodide, and 
rubidium iodide exhibit negative viscosity effects. Lithium chloride, on 
the other hand, as in water, exhibits a viscosity increase with increasing 
concentration. In glycerine solutions, the negative viscosity effect dis¬ 
appears in the neighborhood of 75°. 

It is obvious that, if the viscosity of a solution changes with concen¬ 
tration, the speed of the carriers, to which the conductance of the solu¬ 
tions is due, will likewise change with the concentration. If this is the 

case, then the conductance ratio, y = no longer measures correctly 

Aq 

’’ Davis and Jones, Ztschr. f. phys. Ghem. 81, 68 (1918). 
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the degree of ionization. It has been proposed to take account of the 
change of conductance due to the viscosity effect in direct proportion to 
the fluidity change of the solution.® In that case the degree of ionization 
of the electrolyte is given by the expression: 


(40) 



where Fo is the fluidity of the pure solvent and F that of the solution. 
Other writers ^ have proposed an equation of the form: 


(41) 



iW’ 


where p is a constant, and A and Ao are ionic conductances. If p were 
equal to unity, the conductance of the solution would be corrected in 
direct proportion to the fluidity change. Difficulty arises in determining 
the value of p. It has been suggested that the value of this constant 
may be derived from the manner in which the speed of an ion in dilute 
solution changes as a function of the temperature. As we shall see 
presently, the change in the Ao values of the ions is not in general 
directly proportional to the fluidity change of the solvent, but is in most 
cases smaller. It has been shown that a relation of the type 


(42) A = KF^ 

holds very nearly.^® The values of the constant p for different salts are 
given in Table XLII. 

TABLE XLII. 


Value of the Viscosity-Temperatuke Exponent p for 
Different Ions. 


Univalent Ions. 


Ion 

Cl- K* 

NO3- 

Ag* 

m* CH 3 C 00 - 

P . 

. .88 .887 

.891 .807 

.949 

.97 1.008 

A. 

. 65.4 64.7 

64.4 61.8 

Divalent Ions. 

54. 

43.5 34.6 

Ion 

1/2 SO4 

- i/2Cfir 

1/2 Ba-^* 

1/2 Ca-^^ 

P . 

.0.944 

.931 

.986 

1.008 

A. 

. 68.7 

63.8 

55.9 

52.1 


sBouslield and Lowry, PMl. Trans. [A] 20^, 289 (1903) : Noyes and Falk. J. Am. 
Chem. SoG. 3Jt, 454: (1^12). 

» Washburn, J. Am. Chem. Soc. 33, 1463 (1911). 

Johnston, J. Am. Chem. Soc. 31, 1010 (1909). 
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Since p is in general less than unity, it follows that the conductance of 
the ions changes less rapidly than does the viscosity of the solvent for a 
given increase in temperature. As a rule, the lower the conductance of 
the ion, the greater the value of the exponent p. For most slowly mov¬ 
ing ions the exponent appears to approach the value unity as a limit. 
This is exemplified in the case of the acetate and the calcium ions. The 
lower the conductance of an ion, therefore, the more nearly does the 
conductance change in direct proportion to the fluidity change of the 
solvent. But while the value of p in Equation 42 has thus been evalu¬ 
ated, there is no good reason for believing that the exponent p in Equa¬ 
tion 41 will have the same value. It obviously is not possible to deter¬ 
mine the manner in which correction should be applied for the change 
in the conductance of solutions due to concentration change, unless we 
know the manner in which the ionization at these concentrations varies 
as a function of concentration. In other words, the nature of the cor¬ 
rection as found will depend upon the assumed nature of the conductance 
function. 

We have the equation: 

^ = K' = l{C), 


where /(C) is some function of the concentration of the solution. As we 
have seen, in solutions at higher concentrations, the function K' follows 
approximately the relation: 


(9a) 


jCy)^ 

C(l-Y) 




where n has a value in the neighborhood of 1.5 for aqueous solutions. 
Assuming this equation to hold at higher concentrations, we may deter¬ 
mine the nature of the viscosity correction on the basis of this assump¬ 
tion. In order to determine the nature of the correction, therefore, we 
may determine the value of the constants n and D at lower concentra¬ 
tions, where the viscosity change is negligible, and thereafter extrapolate 
this function to higher concentrations. In other words, by means of 
Equation 9a we may calculate the value of y at higher concentrations 
and compare it with the directly measured value and with the fluidity 
of the solution at that concentration. Or, conversely, the experimentally 
determined conductance values at higher concentrations may be multi¬ 
plied by an assumed correction factor and the corrected values compared 
with the values calculated by means of the above equation. If the 
assumptions made are applicable, then the two values should correspond. 
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The simplest correction would be that in which the conductances were 
assumed to change in direct proportion to the fluidity change of the 
solution. 

This method of correction has been applied to solutions of potassium 
iodide dissolved in water at 0°.^^ In Figure 17, lower curve, are plotted 
values of log (CA) and of log[C(Ao — A)], both for the measured (rep- 

Log (cA) for LiCl. 



Fig. 17. Showing Influence of Viscosity Correction on the Conductance Curves of 
KI and LiCl in Water at 0°. 


resented by crosses) and the corrected (represented by circles) con- 
ductance values of potassium iodide dissolved in water at 0°. If Equa¬ 
tion 9a holds and if the assumed viscosity correction is applicable, then 
the corrected points should lie upon a straight line/^ This, apparently, , 
is the case. • ' 

The conductance curve of potassium iodide in water at 0° is a very 
exceptional one in that at higher concentrations it passes through a slight 
minimum and maximum, after which the conductance decreases very i 
rapidly with increasing concentration. This form of the curve is due 

Kraus, J. Am. Chem, Soc. 36, 35 (1914). J 

12Equation 9a may be written; n log (OA) = log [C7(Ao — A)] -{- log DAo”"- F 
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to the viscosity change of the solution at higher concentrations. As we 
have seen, the fluidity passes through a maximum, after which it de¬ 
creases sharply. .If the values of the conductance as calculated from 

F 

Equation 9a are multiplied by the fluidity ratio then these calculated 
values fall upon a curve (B) exhibiting a slight maximum and minimum. 



Log (Coaceatration). 

Fig. 18. Showing the Influence of Fluidity Change on the Conductance Curve of 

KI in Water at 0°. 

which practically coincides with the curve of measured conductances, as 
may be seen from Figure 18. It is apparent that in the case of solu¬ 
tions of potassium iodide in water—and, in fact, this has been shown 
to be true for aqueous solutions of all electrolytes exhibiting a negative 
viscosity effect—the speed of the ions changes in direct proportion to the 
' fluidity change of the solution. The peculiar form of the conductance 

^ curve, as we have it in solutions of the potassium iodide, is due to the 

■ variation of the viscosity effect. 
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In solutions of electrolytes in water which exhibit a positive viscosity 
effect, the conductance appears to change less than the viscosity of the 
solution. If we treat the conductance curve of lithium chloride in a 
manner similar to that employed in the case of potassium iodide, we | 
obtain as plot not a straight line, but a curve lying below the straight 
line resulting from Equation 9a. In other words, the conductance values 
appear to be overcorrected. This result is illustrated in Figure 17, upper ■ 
curve, in which A is the uncorrected curve, B is the curve in which the 
conductance is corrected in direct proportion to the fluidity change, 
while C is a curve in which correction has been applied to the lithium f 
ion only. We may conclude, therefore, that, in aqueous solutions, the i 
conductance may be corrected for the viscosity change in direct proper- i 
tion to the fluidity change in the case of salts which exhibit a negative 
viscosity effect, but that, in solutions of salts which exhibit a positive 
viscosity effect, the correction made should be smaller. Just what cor- | 
rections should be applied is difficult to determine at the present time. f 

We have seen that in non-aqueous solutions the viscosity effect is 
much larger than it is in aqueous solutions. We should therefore expect 
that the conductance of non-aqueous solutions would be affected to a ^ 
much greater extent than that of aqueous solutions. It appears, how- : 
ever, that in solutions of electrolytes in non-aqueous solvents the con- j 
ductance changes much less than the fluidity of the solvent. ^ 

The relation between the conductance and the viscosity is illustrated 
in Figure 19, in which are plotted the conductance and fluidity values 
of solutions of potassium iodide in liquid ammonia at different concen¬ 
trations. Branch B is extrapolated on the assumption that Equation 9a t 
holds. There is also indicated on this figure the calculated conductance \ 
of these solutions. Branch D, on the assumption that the conductance i 
changes in direct proportion to the fluidity of the solvent. It will be ^ 
observed that the conductance, as corrected in this way, is much too low 
to correspond with the experimental conductance curve represented by 
circles. It is evident, therefore, that in non-aqueous solutions the con- ^ 
ductance change is smaller than corresponds to the viscosity change. 
This is further borne out by the fact that Equation 11 appears to hold 
for solutions of many electrolytes up to concentrations at times as high 
as 2 normal. It is obvious that the viscosity of the solutions at these 
concentrations must be much greater than that of the pure solvent, and 
consequently it follows that the correction to be applied for the viscosity ^ 
change is probably the smaller the greater the viscosity change; that is, 
the lower the dielectric constant of the solvent. On the other hand, it 
has been found, in the case of all solutions in non-aqueous solvents, that, 
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at sufliciently high concentrations, the conductance curve ultimately falls, 
and falls the more rapidly the higher the concentration. There appears 
to be no exception to this behavior. There can be little question but 
that the final decrease in the conductance is due to a large increase in the 
viscosity of the medium. This is illustrated in Figure 20, where the 
conductance of solutions of silver nitrate in methylamine is repre¬ 
sented as a function of the concentration. The maximum lies a little 



5 .a I .o 0.0 0.8 

Log (concentration). 


Fig. 19 . Showing the Influence of Fluidity Change on the Conductance of Solutions 

of KI in NH. at—33.5°. 

above normal concentration at —33° and is displaced toward higher 
concentrations at higher temperatures. 

3. Relation between Viscosity and Conductance on the Addition of 
Non-Electrolytes. The addition of a non-clcctrolytc to a solution of an 
electrolyte in most cases increases the viscosity of the solution.^^ The 
conductance change on the addition of a non-clectrolytc is in the same 
direction as that of the viscosity change, but in most cases the con¬ 
ductance change is smaller than the corresponding viscosity change. 

Fitzgerald, loc. cit., p. (J40. 

i^In a f('w instances, liow(‘ver, where the added non-electrolyte forms a stable complex 
with one of the ions in solution, the addition of a non-electrolyte results in a viscosity 
decrease. An example of this effi'ct is found in solutions of certain of the heavy metals 
in water whose viscosity is reduced on the addition of ammonia. [Blanchard, J. Am. 
Gliem. tioc. 26, 1315 (li)04).] In these cases the addition of a non-electrolyte causes a 
decrease in the viscosity only .so long as it coinhint'S with the eh'ctrolyte to form the 
complex. Beyond this point the viscosity in general increases with further addition of 
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The experimental material available is very incomplete. So far as any 
conclusion may be drawn, however, the conductance change is the more 
nearly proportional to the fluidity change, the smaller the molecules of 



Fig. 20. Conductance of Silver Nitrate in Methylamine at Different Temperatures. 

the added non-electrolyte. It has been found that the relation between 
the conductance and the viscosity on the addition of a non-electrolyte 
may be expressed by an exponential equation of the form Ao = KF^, 
where Ao is the limiting conductance of the electrolyte in solutions con- 
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taining the non-electrolyte and F is the fluidity of the solution. The 
smaller the conductance change of the electrolyte for a given fluidity 
change, the smaller is the value of the exponent p. 

In Table XLIII are given values of the exponent p for aqueous 
solutions of a number of electrolytes in the presence of non-electrolytes. 

TABLE XLIII. 

Change op Conductance of Electrolytes Due to Added 
Non-Electeolytes. 


Non- Raf- Gly- Ace- Methyl 

Electrolyte Sucrosef finose* cerolf tonef Ureaf Alcohol* 

Mol. Wt. 342.1 594.4 92 58 60 32 

p for KCl. 0.66 0.675 0.83 0.93 0.95 1.2 

t . 20° 25° 20° 25° 25° 25° 

Methyl Methyl 

Non-Electrolyte Sucrosef Raffinose* Rafiinose* Alcohol* Alcohol* 

Electrolyte HCl CsCl LiCl CsCl LiCl 

p . 0.55 0.676 0.669 0.8 1.1 

t .25° 25° 25° 25° 25° 

Non-Electrolyte Acetonef Glycerol§ Urea§ Pyridine§ 

Electrolyte' HCl CuSO, NaOH LiNOa 

p . 1.0 1.0 1.0 1.0-1.3 

t . 25° 15° — 25° 


* Clark, Thesis, TJniv. of Ill. (1915). See also, Washburn, “Principles of Physical 
Chemistry,” 2 Ed., p. 260. 

t Gholrn, Finska Veten^kap. Soc. Forhandl. 55, A No. 5, p. 75 (1913) ; Washburn, 
loc. cit. 

J Ryerson, Thesis, Univ. of Ill. (1915). 

§ Oreen, J. OUem, Soc. 93, 2049 (1908). 

It will be seen from the table that, in general, the higher the molecu¬ 
lar weight of the added non-electrolyte, the smaller is the value of 
the exponent p. This is most clearly shown in the case of potassium 
chloride, for which electrolyte the data are more extensive than for 
others. The exponent in the presence of sucrose and raifinose is in the 
neighborhood of 0.67, while in the presence of urea it is 0.95 and in the 
presence of methyl alcohol 1.2. The molecular weight of the added elec¬ 
trolyte is thus a governing factor in determining the manner in which 
the conductance of an ion varies due to viscosity change. That some 
transpositions in the order of the exponent and in that of the molecular 
weight of the added non-electrolyte will occur is to be expected, since 
specific influences may make themselves felt. It is noticeable that in 
the case of methyl alcohol the exponent has a value greater than unity. 
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The significance of this result remains uncertain. It is to be expected, 
however, that, on the addition of an electrolyte whose molecular weight 
is lower than the mean of that of the solvent molecules, effects may occur 
which cannot well be predicted on the basis of our present knowledge of 
the viscosity relations in such mixtures. It is interesting to note that, 
in the presence of non-electrolytes of high molecular weight, the coeffi- | 
cient for different electrolytes has very nearly the same value. Thus, 
in the presence of raffinose the values of the exponent for lithium, potas¬ 
sium and caesium chlorides are very nearly identical. Since these salts 
lave a common anion, it may be inferred that the influence of the vis- 
osity effect due to non-electrolytes of high molecular weight is the same 
for the lithium, potassium and caesium ions. This is apparently not so 
nearly true in the presence of non-electrolytes of low molecular weight, 
>ut even here, in some instances at any rate, the exponent does not differ 
greatly for different salts. It would seem that the influence of the vis¬ 
cosity change on the conductance of an ion, due to the electrolyte itself, 
differs markedly from that due to the addition of a non-electrolyte. At 
the present time, sufficient data are not available to enable us to draw 
conclusions with any considerable degree of certainty. 

4. The Influence of Temperature on the Conductance of the Ions. 
As is shown in Table XLII, with increasing temperature the conductance 
of the ions increases, and this increase is the more nearly proportional 
to the increase in the fluidity of the solvent, the lower the conducting 
power of the ion. In the case of the acetate ion, the conductance is 
everywhere proportional to the fluidity of water from 0° to 156°, which 
is the entire interval over which the viscosity of the solvent has been 
measured. In the following table are given the ratios of the fluidity of 
water to the conductance of the acetate ion from 0° to 156°.^^^ 

TABLE XLIV. 

Ratio op the Fluiuity op Water to the Conductance of the Acetate 
Ion at Different Temperatures. 

Temp. 0° 18° 25° 50° 75° 100° 128° 156° 

- .... 2.73 2.72 2.73 2.72 2.71 2.72 2.71 2.71 

^CH^COO- 

It is evident that, in dilute solutions, the conductance of the acetate ion, 
and presumably therefore its speed, is directly proportional to the fluidity’ 
of the solvent. 

Since the conductance of the acetate ion is proportional to the fluidity 

“Johnston, loc . cit . 



THE CONDUCTANCE OF SOLUTIONS—VISCOSITIES 


123 


of water up to 156°, we may assume, in the absence of experimental 
data, that it remains proportional at higher temperatures. In order, 
therefore, to compare the conductance of the different ions with the 
fluidity of water, we may compare the conductance of these ions with 
that of the acetate ion whose values are known up to 306°. The ratio 
of the conductances of the various ions to that of the acetate ion is given 
in Table XLV.^« 

TABLE XLV. 

Influence of Temperature on the Conductance of Various Ions 
Relative to That of the Acetate Ion. 


Ion 



Conductance at temperatures:- 

— 




O 

O 

O 

18° 

25° 

50° 

75° 

100° 

128° 

156° 

218° 


K" ..., 

.... 1.99 

1.87 

1.83 

1.72 

1.66 

1.58 

1.54 

1.50 

1.32 


Na^ ... 

.... 1.28 

1.26 

1.25 

1.22 

1.20 

1.19 

1.19 

1.18 

1.15 


. 

... 1.98 

1.86 

1.83 

1.72 

1.66 

1.59 

1.55 

1.52 

1.37 

1 

Ag* ... 

... 1.62 

1.57 

1.54 

1.51 

1.49 

1.45 

1.43 

1.42 

1.29 


Cl- ... 

... 2.02 

1.89 

1.85 

1.73 

1.67 

1.59 

1.54 

1.51 

1.32 

l.xo 

NO,- ., 

.... 1.99 

1.78 

1.73 

1.55 

1.46 

1.37 

1.30 

1.25 

1.21 


H-^ .... 

.... 11.82 

9.08 

8.58 

6.95 

5.88 

4.95 

4.23 

3.68 

2.79 

1.82 

OH- .. 

... 5.17 

4.95 

4.71 

4.24 

3.75 

3.38 

3.07 

2.81 

2.08 

1.62 


In determining the conductance of the various ions, it is of course 
necessary to assume values for the transference numbers of one pair of 
ions. In the case of potassium chloride, the transference number is very 
nearly 0.5 and at higher temperatures it appears to approach this value 
as a limit. It has been assumed, therefore, that at temperatures above 
100° the transference number of the potassium and chloride ions is 0.5. 
This assumption, moreover, is justified by the fact that, as the tem¬ 
perature increases, the transference numbers of all ions appear to 
approach one another. In the above table the ionic conductances at 
the higher temperatures are based upon this assumption. 

The relation between the ionic conductances and the temperature is 
shown in Figure 21, where the conductances relative to the acetate ion are 
plotted as ordinates and the temperatures as abscissas. Since the con¬ 
ductance of the acetate ion is proportional to the fluidity of the solvent, 
it follows that the ordinates will be proportional to the ratio of the ionic 
conductances to the fluidity of tlie solvent. On examining the figure, 
it will be seen that the greater the value of the conductance of an ion, 
the less does tlie conductance increase as the temperature increases. 

That is, the ratio "— decreases with increasing temperature and de- 
^ac 


‘“Kraus, loc . cit . 
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creases the more, the greater the value of the ratio. In other words, 
these ratios appear to approach unity, as a limit at high temperatures. j 

The conductances of all ions, therefore, appear to approach that of very 
slowly moving ions. For example, at 0° the conductance of the hydrogen j 
ion is 11.82 times that of the acetate ion, while at 306° it is only 1.82 | 

times that of this ion. At 0° the conductance of the potassium ion is 
1.99 times that of the acetate ion, while at 306° it is only 1.18 times that ’ 
of this ion. At 0° the conductance of the sodium ion is 1.28 times that 
of the acetate ion, whereas at 306° it is only 1.11 times that of the same 



Fig. 21. Showing the Relative Change of Ionic Conductances with Temperature. 


ion. It is evident, therefore, that as the temperature increases the speeds 
of the different ions approach a common value. With the exception of j 
the nitrate ion, the curves for the ionic conductances do not intersect. 

At low temperatures, however, the relative conductance of the nitrate 
ion, with respect to that of the acetate ion, decreases much more rapidly 
than it does for other ions having the same conducting power. At 0° 
the ratio of the conductance of the nitrate ion to that of the acetate 
ion is 1.99, whereas at 25° it is only 1.73. In the case of the potassium 
ion at the lower temperature, the ratio is also 1.99, but at 25° it is 1.83. 

These results have an important bearing on our conceptions as to 
the nature of the conducting particles, particularly as regards the effect 
of temperature on the speed of these particles. As has been shown by ^ 
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means of transference experiments, the ions are hydrated in water. In 
order to account for the fact that the speeds of the different ions at 
higher temperatures approach one another, it might be assumed that the 
hydrates break down at higher temperatures, but this assumption would 
not be in harmony with certain facts. Since the conductance of the 
slowly moving ions changes in direct proportion to the fluidity of the 
solvent as the temperature increases, it is reasonable to assume that the 
relative dimensions of the ion complex remain practically constant. If, 
therefore, the speed of the more rapidly moving ions approaches that of 
the more slowly moving ions at higher temperatures, it points to a slow¬ 
ing up of the more rapidly moving ions as the temperature increases. 
This corresponds to a greater relative resistance to their motion, which 
can only be interpreted as due to an increase in the dimensions of the 
ion-complex. In other words, as the temperature increases, the hydra¬ 
tion of the more rapidly moving ions increases, which tends to reduce 
their speed relative to that of more slowly moving ions. 

If the hydration of the ions is due primarily to electrical forces acting 
between the ions, which are charged, and the surrounding solvent mole¬ 
cules, which have an electrical moment, then we should expect that, as 
the dielectric constant of the medium decreases, the size of the complex 
will increase, since in a dielectric medium the force is inversely propor¬ 
tional to the dielectric constant. For this reason we should expect the 
relative speeds of ions in non-aqueous solvents of low dielectric constant 
to approach one another much more nearly than they do in water. This 
appears to be the case. Moreover, this is also in harmony with the fact 
that in the case of very large ions, in other words, in the case of ions 
which have a low conducting power, the conductance in different sol¬ 
vents, as well as at different temperatures, is very nearly proportional to 
the fluidity of the solvent. We may conclude, therefore, that the hydra¬ 
tion of the ions increases, or, including non-aqueous solvents, that the 
solvation of the ions increases with the temperature because of a decrease 
in the dielectric constant of the medium. It is not to be assumed, how¬ 
ever, that the dimensions of the ions in different solvents are controlled 
entirely by the dielectric constant. The solvent may combine chemi¬ 
cally with a given ion to form a complex, which ion in turn may have 
associated with it additional solvent molecules, due to electrical inter¬ 
action between this ion and the solvent. We should expect this to be 
the case with silver ions which form an extremely stable complex with 
ammonia. Even in aqueous solutions, the silver ion forms a complex 
Ag(NH 3 ) 2 '^ with ammonia. This.may account for the relatively low 
conducting power of the silver ion in liquid ammonia solution. Whereas, 
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for example, the conductance of the lithium ion in ammonia is 3.36 times 
that of the lithium ion in water, that of the silver ion in ammonia is only 
2.15 times that in water. So, also, we find that the ammonium ion in 
ammonia has a conductance of only 2.03 times that of the ammonium ion 
in water, indicating the formation of relatively large complexes. In this 
connection it may be pointed out that the ammonium salts form with 
ammonia saturated solutions whose vapor pressures are extremely low. 
For example, the vapor pressure of a saturated solution of ammonium 
nitrate in ammonia is one atmosphere at 26°. 

If the coihplexity of the ions increases with the temperature, we 
should expect that at higher temperatures the viscosity would be in¬ 
creased more largely for a given addition of salt than at lower tem¬ 
peratures. This, again, corresponds with observations on the viscosity 
of solutions. The change of viscosity due to a. given addition of 
salt increases as the temperature rises, and this increase appears to be 
the greater the higher the temperature. It is to be noted, also, that the 
increase in viscosity due to the addition of electrolytes is much greater 
than that due to the addition of non-electrolytes, except in the case of 
non-electrolytes which have very large molecules. In general, as has 
already been pointed out, the viscosity e^ffect is the greater the lower 
the dielectric constant of the solvent. In solvents of very low dielectric 
constant, the viscosity of some solutions becomes so great, at high con¬ 
centrations, that they often become pra^ctically solid. 

5. The Influence of Pressure on the Conductance of Electrolytic 
Solutions. As we have seen, the conductance of the ions is a function 
of the viscosity of the solution. As the hydrostatic pressure on a solu¬ 
tion is increased, its viscosity changes, the sign and magnitude of this 
change being dependent upon the nature of the solvent medium and 
upon the concentration of the solution in question. The effect of pres¬ 
sure on the viscosity of solutions in water, as well as the effect upon 
water itself, has been measured by Cohen.^^ In Figure 22 are shown 
the percentage changes of viscosity for pure water at different pressures 
and temperatures. From an inspection of the figure it will be seen 
that with increasing pressure the viscosity of water decreases markedly. 
As the temperature rises, however, the viscosity effect diminishes and 
it is evident that at higher temperatures the effect changes sign. From 
the form of the curves at 15° and 23° it is evident that at higher pres¬ 
sures the curves for the viscosity effect will pass through a minimum and 
that ultimately, therefore, the viscosity change will change sign, the 
viscosity increasing with increasing pressure. In non-aqueous solvents 

Cohen. Wied. Ann. 666 (1892). 
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the viscosity increases with increasing pressure, as was found by Ront- 
gen^® and Warburg and Sachs for ether and benzene, and by Cohen 
for turpentine. In general, the viscosity effect in non-aqueous solvents 
is greater than that in water, and, as we shall see below, the effect is 
the greater the greater the viscosity of the medium. 

The pressure-viscosity effect in solutions is a function of the con- 
Pressure in Atmospheres. 



Fia. 22. Showing the Influence of Pressure on the Viscosity of Water at Different 

Temperatures. 

centration, as was shown by Cohen. In Figure 23 are shown curves 
for the viscosity change of solutions of sodium chloride in water at 2® 
and 14.5°. The broken line curves relate to the lower temperature. 
The concentrations of the various solutions are indicated on the figure. 
With increasing concentration of the solution, the viscosity decrease, due 
to a given increase in pressure, diminishes and ultimately changes sign; 
that is, with increasing pressure, the viscosity of the solution increases. 
The lower the temperature, the greater the influence of a given pressure 

isRontgen, Wied. Ann. 22, 510 (1884). 

Warburg and Sachs, Wied. Ann. 22, 518 (1884). 
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change upon the viscosity, but at higher concentrations the effect of 
temperature diminishes greatly. 

Pressure in Atmospheres. 
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Fig. 23. Showing the Influence of Pressure on the Viscosity of Aqueous Sodium 
Chloride Solutions at Different Concentrations. 

The change in the viscosity of a solution with pressure will obviously 
have an influence upon the conductance of the solution. The viscosity 
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ct, however, is not the only one involved. As Tammann has shown/® 
conductance-pressure coefficient is the resultant sum of four effects; 
nely, the volume change of the solution due to pressure change, the 
;nge in the mobility of the ions due to the viscosity change of the 
ition, the change in the ionization of the electrolyte, and finally the 
mge in the conductance of the solvent medium, which, as a rule, is due 
a small quantity of electrolyte present as impurity. The conductance- 
issure coefficient, therefore, is given by the equation: 

^ I Ap~~ V Ap^ cp Ap ^ y — X y' Ap 

ere I is the conductance of the solution due to the electrolyte, X' that 
e to the solvent medium, y is the ionization of the electrolyte and y' 
it of the solvent medium, and cp is the ionic resistance; that is to S 9 ,y, 
j reciprocal of the ionic mobility. In the equation, therefore, the first 
m of the right-hand member measures the conductance change due 
the volume decrease of the solution; the second term measures the 
iductance change due to the viscosity change of the solution; the third, 
3 conductance change due to the ionization change of the electrolyte; 
d the last term, the conductance change due to the ionization change 
the solvent medium. By suitably choosing the condition of the solu- 
m, it is possible to minimize the value of various of the terms enter- 
5 into this equation, and thus make apparent the effect of the various 
3 tors on the conductance of the solution due to pressure change. 

Let us examine first the typical form of the conductance-pressure 
rves in the case of aqueous solutions of 0.01 N KCl. In Figure 24 
e represented values of the ratio of the resistance of the solution, 
ider a pressure of p kilograms per square centimeter to the resistance 
p=i under a pressure of one atmosphere at a series of temperatures. It 
11 be observed that as the pressure increases the resistance of the solu- 
)n decreases initially. As the temperature rises, the value of the 
erease due to a given pressure change diminishes. At high pressures 
e isotherms exhibit a minimum. The higher the temperature, the lower 
e pressure at which the minimum occurs. It is evident that at suffi- 
Bntly high temperatures the minimum will disappear and the resistance 
the solution will increase throughout with increasing pressure. This 
IS been found to be the case with strong electrolytes, such as sodium 
iloride in aqueous solution. 

In solutions of strong binary electrolytes, the ionization at a con- 
sntration of 0.01 N is so high that but little change is to be expected in 

Tammann, Ztschr. f. phya. Oliem. 211, 458 (1898). 

"Korber, Ztachr. /. phya. Chem. 67, 222 (1909). 
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its value as a result of pressure change. The third term of the right- 
hand member of Equation 43 may therefore be neglected. The fourth 
term, likewise, may be neglected at this concentration, since the con¬ 
ductance of the pure solvent is negligible in comparison with that of the 
solution. The observed conductance change of solutions, under these 
conditions, therefore, is due to the first two terms. The value of the first 

Pressure. 



Fig. 24. Showing the Influence of Pressure on the Resistance of 0.01 N Aqueous 
KCl Solutions at Different Temperatures. 

term of the right-hand member may be calculated from the data of 
Amagat on the compressibility of pure water, since the compressibility 
of an 0.01 N solution will not differ appreciably from that of pure water. 
If the first term of the right-hand member is transposed, we have the 
equation: 

f44) = 

(j) Ap X Ap v Ap ’ 
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from which equation the effect of pressure upon the conducting power of 
the ions may be determined. In a solution at a concentration of 0.01 N 
the effect of pressure on the viscosity will not differ materially from 
that on the pure solvent. It might be expected that the effect of pressure 
on the conductance of the ions would vary inversely as the viscosity change 
of the solution. Indeed, Tammann, on comparing the conductance-pres- 


Pressure. 



Fig. 25. Comparison of the Influence of Pressure on the Conductance and the 
Fluidity of Dilute Aqueous NaCl Solutions at Different Temperatures. 

sure effects as calculated according to Equation 44 for 0.1 N sodium 
chloride with the measured viscosity effects of Cohen, found almost an 
exact correspondence as may be seen from Figure 25 .^^ xhe points on 
this figure represented by combined cross and circle are measured vis¬ 
cosity values of Cohen, while the curves represent the values of the vis¬ 
cosity effect as determined from conductance measurements according to 
Equation 44. Measurements by Korber,^® while confirming the results 
of Tammann for sodium chloride, show that the viscosity-conductance 
effect due to pressure in the case of different electrolytes is a function 

22 Tammami, Wied. Ann. 69, 773 (1899). 

*»Korber, ZtscJir. f. phys. Ghem. 61, 212 (1909). 
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solutions of various electrolytes at a concentration of 0.01 N at a tem¬ 
perature of 19.18°, while in Figure 27 are shown values of as cal- 

culated from the measured values of according to Equation 44. 

Itp=:l 

As stated above, the curve for sodium chloride corresponds with the 
viscosity curve of pure water as determined by Cohen. It will be seen, 
however, that the curves for other electrolytes differ from that of sodium 
chloride and that, therefore, in these cases the pressure effect upon the 
ions is not directly proportional to the viscosity change of the solution. 
In the case of potassium chloride the conductance evidently increases 
slightly more than corresponds to the viscosity change of the solution, 
while for lithium chloride and hydrochloric acid the conductance increase 
due to increasing pressure is enormously greater than the viscosity change 
of the solution. On the other hand, in the case of potassium bromide, 
sodium bromide, potassium iodide, and sodium iodide the conductance 
change of the electrolytes is much smaller than the corresponding vis¬ 
cosity change of the solution. Manifestly, the change in the speed of 
the ions with pressure change is dependent not only on the viscosity of 
the solvent medium, but also on other factors. What these factors are, 
we do not know, with certainty, but it appears probable that the speed 
of the ions is affected by a change in their effective size. Such an effect 
will obviously be a property of the ions themselves, which is in accord¬ 
ance with Korber’s observations. However we may interpret these 
results, it is obvious that the speed of the ions in a dilute aqueous solution 
is not determined primarily by the viscosity of the solution, although the 
viscosity is an important factor. 

According to Equation 43, the value of the ratio - — - varies as a 

Hp=i 

function of concentration. In Figure 28 are shown values of the ratio 
for sodium chloride in water at 19.18° at a series of concentrations. 

Ii»p=x 

At the highest concentrations the resistance of the solution increases 
throughout with increasing pressure. This is in accord with Cohen’s 
observations on the viscosity of sodium chloride solutions, which, at 
higher concentrations, exhibit a marked viscosity increase. As the con¬ 
centration of the solution decreases, the curves exhibit a miriiiniiTn 
Initially, with increase in pressure, the resistance of the solution decreases. 


a* Korber, loo, cit., p. 227. 
loc, cit„ p. 234. 
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Pressure. 



Fig. 28. Showing the Influence of Pressure on the Resistance of Sodium Chloride 
Solutions at Different Concentrations at 19.18®. 

whilo at higher pressures the resistance of the solution increases. In 
this case, again, the general form of the curve corresponds to the viscosity 
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effects of the solution. As the concentration decreases, the minimum 
point is displaced toward higher pressures, and the curves approach one 
another. Thus the curves at 0.1 N and 0.01 N differ but little. This is 
due to the fact that below a concentration of 0.1 N the ionization of the 
electrolyte is so great and the concentration so low that the viscosity 
effects could not differ materially from those in pure water. At lower 
concentrations, namely at 10"^ N and 10"^ N, the minimum disappears 
and the pressure effect becomes very large, the curves becoming the 
steeper, the lower the concentration of the solution. This divergence of 
the curves at very low concentrations is due to the effect of pressure on 
the conductance of the solvent medium; namely, to the fourth term in 
Equation 43. In the limit, these curves approach the dotted curve shown 
in the figure, which is that of the solvent medium. 

We have still to consider the case in which the third term of Equation 
43 becomes an effective factor. This will obviously be the case with 
solutions of weak electrolytes. The ionization of an electrolyte, if the 
mass-action law holds—and this is in general the case with weak electro¬ 
lytes in aqueous solutions—is determined by the value of its ionization 
constant K. According to the Planck equation, we have: 


(44a) 


d log JC __ Av 
dp RT* 


According to Tammann, the value of Av is negative, so that as the result 
of pressure increase the value of the ionization constant K increases and 
with it the value of the ionization y. In the case of weak electrolytes, 
at intermediate concentrations and lower temperatures, the .first three 
terms of Equation 43 have the same sign, and consequently the resist¬ 
ance of solutions of weak electrolytes should decrease with increasing 
pressure much more largely than that of solutions of strong electrolytes 
under otherwise the same conditions, and the decrease should be the 
greater the weaker the electrolyte and the greater the value of Av. The 
first investigations in this direction were carried out by Fanjung.^® 
Measurements on 0.1 N acetic acid were carried out by Tammann up to 
pressures of approximately 4000 kilograms per square centimeter. In 

R 

the following table are given values of the ratio for acetic acid 

Mp=i 

at 20.14° « 

In the case of ammonia, which has approximately the same ionization 
constant as acetic acid, the pressure effect is even greater than in that of 

Ztschr. f. pliys. Chem. 673 (1894). 

"Tammann, Wied. Ann. 69, 770 (1899). : 
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acetic acid, since the value of Aw for ammonia is more than twice that 
of acetic acid. 

TABLE XLVI. 

Eelative Resistance of 0.01 N Solutions op Acetic Acid in Water 
AT 20.14° AT Different Pressures. 



Kp 

cm.“ 

Ep=i 

1 

1.000 

500 

0.855 

1000 

0.738 

1500 

0.650 

2000 

0.582 

2500 

0.526 

3000 

0.487 

3500 

0.447 

4000 

0.410 


The influence of pressure upon the conductance of electrolytes i 
brought out more clearly by representing the conductance-pressure coeflB 



Fig. 29. Conductance-Pressure Coefficients for Electrolytes of Different Types as a 
Function of Concentration at a Pressure of 500 kg./cm.’. 

Curve 1, Weak Electrolytes. 

Curve 2, Moderately Strong Electrolytes. 

Curve 3, Strong Electrolytes. 

cient as a function of the concentration of the solution, the pressure 
remaining constant. In Figure 29“ Curve 1 represents the pressure 

“ Tammann, Ztschr. f. phys. Chem. 17, 729 (1895). 
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a electrolytes as a function of their concentration at a 
./cm.2 The curve actually corresponds very closely with 
id in water at this pressure. As Tammann has shown, 
the Planck equation that at low concentrations and for 
values of the constant K the ionization change, due to 
ure, increases with increasing concentration, until a prac- 
h value is reached. The conductance-pressure coeffi- 
vith increasing concentration of the weak electrolyte 
luxation of about 10“^ normal for electrolytes whose con- 
10'^. At higher concentrations the ionization ^.change due 
hange remains practically constant. However, at higher 

IS the value of decreases, while the value of 

vAp qpAp 

nd ultimately changes sign, as follows from Cohen^s observa- 

. bhe viscosity of aqueous salt solutions. Therefore, the con- 

;e-concentration curves, and consequently the curves for the coeffi- 

xhibit a very flat maximum. In the case of solutions of strong 

__ytes, the term has inappreciable values at concentrations 

below 10~2 normal, and has only very small values at much higher con¬ 
centrations. In dilute solutions, therefore, the pressure coeifficient has 
very nearly a constant value, independent of concentration. At higher 
concentrations, however, the value of the coefficient decreases, owing to 

the diminution in the value of “ owing to an ultimate change in 

the sign of the viscosity effect at higher concentrations of the electrolyte, 
as was found by Cohen. Electrolytes of intermediate strength exhibit 
a type of curve intermediate between these two extreme types, as repre¬ 
sented by Curve 2. In this case the value of the coefficient increases 
with increasing concentration of the solution at lower concentrations 
owing to the increasing ionization of the electrolyte. Ultimately, how¬ 
ever, the effect of the viscosity change makes itself felt, the curve passes 
through a maximum, and thereafter falls with increasing concentration. 
At very low concentrations the viscosity-pressure coefficient has actually 
been found to increase and approach large values due to the effect of the 
fourth term in the right-hand member of Equation 43. This increase 
in the coefficient, as was shown by Tammann,^^ is due to the increased 
ionization of the solvent medium. 

The limiting value which the coefficient approaches at low con- 

Tammann, Ztschr. /. pliys, Chem. 27, 464 (1898). 
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centrations, assuming that the conductance of the solvent is zero, or has 
been otherwise corrected for, differs for different electrolytes, and is, in 


% 

general, the greater, the greater the value of . Thus the limit ap- 

proached for hydrochloric acid at a pressure of 3000 kilograms per square 
centimeter is approximately 17 per cent, while that of sodium chloride 
is approximately 8 per cent and that of potassium chloride 9 per cent. 

Since in dilute solution the effect due ^ is same as that in pure 

water, it follows that these differences are due to differences in the vis¬ 
cosity effect as illustrated in Figure 28. In the case of hydrochloric 

acid, the value of | ^ passes through a flat maximum at a concentration 

in the neighborhood of 0.5 normal. 

In non-aqueous solutions the order of the viscosity effects differs 
from that in aqueous solutions, chiefly owing to the fact that with in¬ 
creasing pressure the viscosity of the solvent medium increases and con¬ 
sequently the speed of the ions is reduced with increasing pressure. In 


Figure 30 are shown values of the ratio 


Rp=i 


for solutions of 0.002 N 


tetramethylammonium iodide and 0.1 N malonic acid in ethyl alcohol. 
As was the case with water, the curve for weak electrolytes lies below 
that for strong electrolytes. With increasing temperature, however, the 
order of the curves is reversed with respect to their order in water; that 
R^ 

is, the ratio decreases both in the case of strong and weak electro- 

Ilpz:l 


lytes. The curves are very nearly linear for solutions of strong electro¬ 
lytes but are convex toward the axis of pressures for solutions of weak 
electrolytes. This form of the curve is accentuated in solutions in sol¬ 
vents of high viscosity; as, for example, amyl alcohol, for which values of 


7 —^ are represented in Figure 31.^^ In this case, the curves for malonic 

acid at higher temperatures exhibit a minimum, while the curves for 
tetramethylammonium iodide are distinctly convex toward the axis of 
pressures. It is evident that at pressures beyond 3000 kilograms per 
square centimeter the curve for malonic acid in ethyl alcohol would 
likewise pass through a minimum. The observed phenomena in non- 


Schmidt, Ztsclir. f. phya. Chem. 75j 319 (1910). 
Ihid., loc. vit., p. 320. 
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aqueous solutions may be accounted for in the same manner as those for 
aqueous solutions. The difference in the form of the curves for various 
electrolytes in the two cases arises chiefly as a result of the difference 



Pressure in kg./cm.^ 

Fig. 30. Showing the Influence of Pressure on the Resistance of 0.002 N Solutions 
of Tetramethylammonium Iodide (above) and 0.1 Malonic Acid (below) in 
Ethyl Alcohol at Different Temperatures. 

in the sign and magnitude of the viscosity pressure effect and in the value 
of the ionization of the dissolved electrolytes. In solvents of lower 
dielectric constant, the typical salts behave like electrolytes of inter¬ 
mediate strength. At a given pressure, with increasing concentration of 
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Pressure in kg./cm.^ 

Fig. 31. Showing the Influence of Pressure on the Resistance of Solutions of Tetra- 
methylammonium Iodide (dotted) and Malonic Acid (continuous) in Amyl 
Alcohol at Different Temperatures. 

the electrolyte, the ratio due to the increased ionization of the 

electrolyte, increases from values less than unity to greater values which 
are in general less than unity. At still higher concentrations, however, 
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the increasing viscosity effect overbalances the effect of increased ioniza¬ 
tion and the curve passes through a maximum. In solutions of weak 

electrolytes the ratio - p — increases rapidly with increasing concentration 

of the electrolyte, due to increased ionization, and, for very weak electro¬ 
lytes, particularly at low temperatures, passes through unity to greater 
values. Here, again, at sufficiently high concentrations, the curve may 
pass through a maximum, owing to the ultimate predominance of the 
viscosity effect. From his measurements, making the assumption that 
the Planck equation holds as well as certain other assumptions, Schmidt 

has calculated the value of —the viscosity ratio, due to pressure, for 

^:p=i 

potassium iodide, sodium iodide and tetramethylammonium iodide in 
alcohol. He found that this ratio increases markedly with the pressure. 
In the case of potassium iodide and sodium iodide the increase is very 
nearly the same, being from 1.0 to 2.34 for 0.02 N solutions and a pres¬ 
sure change from 1 to 3000 atmospheres. In the case of tetramethyl- 

CpM 

ammonium iodide the ratio —— increases somewhat more than for the 

other two electrolytes measured. This indicates that the viscosity effect 
in alcohol, similar to that in water, is a property of the ions. It appears, 
however, that the effects in the case of different ions are much more 
nearly the same in non-aqueous solutions than in water. This is as 
might be expected, since in solvents of low dielectric constant the ionic 
conductances themselves differ much less than in water. Schmidt has 
also calculated the value of the ionization y at different pressures and 
has found that the ionization increases with increasing pressure. 

That the pressure effect is intimately related to the viscosity of the 
solution is clearly indicated by the fact that the order of the effects in 
different solvents corresponds to the order of the viscosities of these 
solvents. The higher the viscosity of the solvent, the greater is the ratio 

K 

for a given pressure change. In the majority of solvents Schmidt 

iip=i 

found that this ratio might be expressed as a function of the pressure by 
the equation: 

R 

(45) 

where (3 is a constant. This equation was found to be particularly ap¬ 
plicable at higher temperatures. In other cases it was necessary to add 
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a quadratic term to the right-hand member of the equation. In the case 
of non-associated liquids the value of p may be expressed in terms of 
the viscosity of the solvent by means of the equation: 

(46) p = 0.000106 + 0.00561 (p, 

where cp is the viscosity of the solvent. In the following table are given 
values of the viscosity cp, together with the measured values of p and 
those calculated according to Equation 46.®^ 

TABLE XLVIL 

Eelation Between the Viscosities op Different Solvents and 
THE Pressure Effects. 


Normal solvents. 


Solvent 

<p 

P 

P calc. 

Anisaldehyde. 

. 0.056 

O.O 342 O 

0.0,420 

Benzylcyanide .... 

. 0.022 

O.O 3234 

0.0,229 

Nitrobenzene . 

. 0.020 

O.O 3217 

0.0,218 

Eurfurol . 

. 0.017 

O.O 3204 

0.0,201 

Benzaldehyde .... 

. 0.016 

0.0,194 

0.0,196 

Acetic anhydride . 

. 0.010 

0.0,178 

0.0,162 

Acetone . 

. 0.003 

Associated solvents. 

0.0,106 

0.0,123 

Glycerine. 

. 7.0 

0.0,300 

0.0,93 

Isoamyl alcohol .. 

. 0.042 

0.0,178 

0.0,342 

Ethyl alcohol .... 

. 0.012 

0.0,095 

0.0,173 

Methyl alcohol ... 

. 0.006 

0.0,078 

0.0,140 


The calculated and observed values of P agree very well for the non- 
associated solvents, but in the case of the associated solvents there is a 
wide discrepancy between the two. A very simple relation thus exists 
between the viscosity and the pressure effect in the case of normal sol¬ 
vents, while in the case of associated solvents the relation is much more 
complex. This is as might be expected, for in associated solvents a 
change in the complexity of the solvent molecules doubtless accompanies 
any pressure change. It is clear that the difference in the nature of the 
pressure effects in water and in non-aqueous solvents is chiefly due to the 
difference in the viscosity effects in these cases. 


Schmiat, loc. cit., p. 334. 













Chapter VI. 

The Conductancei of Electrolytic Solutions as a Function 

of Temperature. 

1. Form of the Conductance-Temperature Curve. The limiting 
value of the conductance is a function of the viscosity of the solvent, and 
consequently of the temperature also. The conductance of the more 
slowly moving ions is very nearly proportional to the fluidity of the 
solvent over such ranges of temperature for which viscosity data are 
available. The conductance of the more rapidly moving ions increases 
relatively less with the temperature than does that of the more slowly 
moving ions, and this effect is the more marked the greater the con¬ 
ductance of the ions. 

In considering the conductance of solutions at higher concentrations, 
it is necessary to take into account another factor, namely the change 
in the ionization of the electrolyte. The observed conductance change is 
therefore the resultant effect due to the change in the viscosity of the 
solution and to the change in the ionization of the electrolyte. While, 
with increasing temperature, the viscosity decreases and the conduct¬ 
ance consequently increases, th e ioniza tion in general decreases and the 
conductance of the electrolyte decreases in consequence. Since these two 
factors affect the conductance in opposite directions, it follows that the 
resultant effect of temperature on the conductance will depend on the 
relative magnitude of the ionization and the viscosity effects; and, in 
general, with increase in temperature the conductance of a solution may 
either increase or decrease. At ordinary temperatures, the conductance 
of many solutions increases with the temperature, and it was formerly 
assumed that a positive temperature coefficient was a characteristic 
property of electrolytic solutions. We now know, however, that this is 
not the case and that the temperature coefficient of solutions may be 
either positive or negative and that, in a given solvent, the temperature 
coefficient is a function of the temperature as well as of concentration, 
and that the sign of the temperature coefficient may change with tem¬ 
perature as well as with concentration. 

Considering, first, the conductance as a function of temperature, the 
concentration remaining fixed, it is found that, in general, the con¬ 
ductance increases with the temperature at low temperatures; but as the 
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temperature rises, the temperature coefficient decreases. Th^ 
3 urve is therefore concave toward the axis of temperatu'*'#^^ 
perature is carried sufficiently high, the conductancp 
maximum after which it decreases, the negative te 
increasing as the temperature rises. Experiments o 
carried out by Sack,^ who found that, in solutions ^ 



Fig. 32. Conductance-Temperature Curves for Various Electrolytes in 
Liquid Ammonia. 

he conductance passes through a maximum in the neighborhood of 128*^. 
^or solutions of strong binary electrolytes in water, however, the maxi- 
aum lies at much higher temperatures. 

Before proceeding to a detailed discussion of aqueous solutions, we 
lay consider solutions in other solvents. The conductances of a con- 
iderable number of solutions in ammonia have been measured and a 
laximum has been found in all cases.^ The form of the curves will be 

1 Sack, Wied. Ann. d. Phys. JfS, 212 (1891). 

2 Franklin and Kraus, Am. Ohem. J. 2Jf, 83 (1900). 
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evident from Figure 32. As a rule the maximum lies in the neighborhood I 

of 25° C but the temperature of the maximum is a function of concen- I 

tration and with increasing concentration the maximum is displaced j 

toward lower temperatures. The curves for different electrolytes are ■ i 

similar, indicating that the underlying phenomenon is the same in all 
cases. As the critical temperature is approached, the conductance ap- { 

proaches a very low value, and it appears as though the curve would cut j 

the axis of temperatures at a point near the critical temperature. The * 

conductance, however, does not, in fact, fall to zero at the critical point, j 

but has appreciable values at temperatures much above that point. The | 

phenomenon in the neighborhood of. the critical point will be discussed ^ 

in detail in another section and need not be further considered here. It 
may be stated, however, that the property of forming conducting solu¬ 
tions with electrolytes is not peculiar-to the liquid state but is one com¬ 
mon to fluid systems. 

The form of the conductance-temperature curve is the same in all sol¬ 
vents. The conductance of a considerable number of solutions in sul- I 

phur dioxide has been measured ^ at higher temperatures and the curves | 

obtained have a form which corresponds with those of ammonia solu¬ 
tions. In solutions of KI in methylamine the form of the curve differs f 
slightly in that, at very high temperatures, the conductance appears to 
approach the axis of temperatures asymptotically. In the alcohols, 
as well as in water,^ the conductance-temperature curves are of the same 
general type. 

2. Conductance of Aqueous Solutions at Higher Temperatures. * 
In order to proceed with the discussion of this subject, it is necessary to 
have some notion as to the degree of ionization of the electrolyte in solu- I 
tion. The degree of ionization of non-aqueous solutions at higher tem¬ 
peratures is unknown. In other words, we do not have a sufficient num¬ 
ber of measurements at a series of temperatures and concentrations to 
enable us to determine the value of Aq at these temperatures. For 
aqueous solutions, however, a large amount of material is available, 
having been obtained by A. A. Noyes and his associates,and from these 
data the effect of temperature on the ionization of salts becomes ap¬ 
parent. 

In the following table are given values of the equivalent conductance 
for potassium chloride at a series of temperatures and at the concentra¬ 
tions 0.08 and 0.002 normal. 

* Walden and Centnerszwer, Ztschr. f. phys. Ghem. 39, 542 (1902). 

* Kraus, Fhya. Rev. 18^ 40 and 89 (1904). 

® Noyes, Carnegie Publication, No. 63, pp. 47, 103, and 266. 

8 Noyes, loc. cit. 
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I TABLE XLVIII. 

CONDTTCTANCE OF KCl IN H^O AT HiGHER TEMPERATURES. 

i Concentration t 0° 18° 25° 100° 140° 156° 218° 281° 306° 

ir 0.08 N. A 72.3 113.5 — 341.5 455 498 638 723 720 

f 0.002 N. A 79.6 126.3 146.4 393 534 588 779 930 1008' 

I 

It will be noted that at the higher concentration the conductance passes 
through a maximum somewhere between 281° and 306°. In the more 
dilute solution, a maximum has not been reached below 306°. This 
behavior is quite general in aqueous solutions and is found also in non- 
^ aqueous solutions. The lower the concentration, the higher the tem¬ 
perature of the maximum. 

For solutions of sodium chloride, the conductance-temperature curve 
is similar to that of potassium chloride, although for this salt the maxi¬ 
mum has not been reached at 306°, even at a concentration of 0.08 
^ normal. We have seen that, with increasing temperature, the conduct¬ 
ance of the sodium ion increases relatively more than that of the potas¬ 
sium ion. As a consequence, the maximum in the conductance curve is 
shifted to higher temperatures. In general, the higher |[ie conductance 
of the electrolyte, the lower the temperature of the maximum and the 
lower the concentration at which the maximum will appear at a given 
temperature. 

^ For silver nitrate, the maximum lies somewhat lower than it does for 
f potassium chloride, as may be seen from the following table: 

' TABLE XLIX. 

I 

I Conductance of AgNOj in H^O at High Temperatures. 

I Conccntrution t 18° 100° 156° 218° 281° 306° 

^ 0.08 N A . 96.5 294 432 552 614 604 

I: 

■ The lower temperature of the maximum for silver nitrate is due, partly, 

t to the abnormal manner in which the conductance of the nitrate ion 

(‘liangcs as a function of the temperature and, partly, to the more 
[ rapid decrease in the ionization of silver nitrate with increasing tem- 
^ perature. 

i The higher types of salts exhibit maxima which are more pronounced 

I and wliieh o(‘cur at lower concentrations and lower temperatures. In 
Table L are given values for barium nitrate and magnesium sulphate at 
I 0.08 normal. 
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TABLE L. 

Conductance of Ba(N03)2 and MgSO^ in H2O at High Tempeeatures. 

Barium Nitrate. 

Concentration Temp. 18° 100° 156° 218° 281° 

0.08 N A 81.6 257.5 372 449 430 

Magnesium Sulphate. 

Temp. 18° 100° 156° 218° 

0.08 N A 52 136 133 75.2 

It will be observed that the maximum lies below 281° for barium nitrate, 
while for magnesium sulphate the maximum lies between 100° and 156°. 
The more complex the salt the lower the temperature and the lower the 
concentration at which the maximum appears. As we shall see presently, 
this is due chiefly to the fact that the ionization of salts of higher type 
falls off more rapidly with the temperature than does that of the binary 
salts. For strong acids, the maxima lie at temperatures considerably 
below those of the binary salts. For hydrochloric acid the maximum 
lies in the neighborhood of 240° and for nitric acid in the neighborhood 
of 200° at a concentration of 0.08 N. 

The conductance-temperature curve of sulphuric acid, which is a 
dibasic acid, has a peculiar form, which has an important significance. 
Below are given values of the equivalent conductance for sulphuric acid 
at a series of temperatures at concentrations 0.002 and 0.08 normal. 

TABLE LI. 

Conductance of H2SO4 at High Temperatures. 

Concentration 18° 25° 50° 75° 100° 128° 156° 218° 306° 

0.002 N 353.9 390.8 501.3 560.8 571.0 551 536 563 637 

0.08 N 240 258 306 342 373 408 440 488 474 

It will be observed that, at the higher concentration, sulphuric acid 
exhibits a relatively flat maximum at a temperature of about 250°, while 
at the lower concentration it exhibits a maximum at about 100° and a 
minimum at about 160°, after which the conductance again increases 
and presumably passes through a maximum at a temperature above 306°. 
At still lower concentration the maxima and minima become more pro¬ 
nounced. As Noyes and Eastman^ pointed out, this behavior of sul¬ 
phuric acid appears to be due to the fact that ionization takes place in 
two stages according to the equations: 

» Noyes, loc . cit ., p. 270. 
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H2S0,=:H- + HS0r 
HSOr = H- + SO^- 

At the higher concentrations, the second ionization process has taken 
place to only a small extent and the form of the curve is largely due to 
the change in the ionization according to the first process, the maximum 
point occurring when the increased conductance of the ions due to tem¬ 
perature is just counterbalanced by the decreased conductance due to 
decrease in ionization. At the lower concentration the second ionization 
process is likewise involved. The second ionization corresponds to that 
of the weaker acid and the ionization according to this process falls off 
more rapidly with rising temperature, thus giving rise to the initial 
maximum. When the ionization according to the second process has 
been largely depressed, the curve thereafter depends chiefiy upon the 
ionization according to the first equation. 

The ionization of strong electrolytes, apparently without exception, 
decreases with increasing temperatures; but at lower temperatures the 
rate of decrease is relatively small. In the case of the weak acids and 
bases the ionization increases between 0° and 40°, and thereafter de¬ 
creases rapidly at higher temperatures. In the following table are given 
values for the ionization constants of ammonium hydroxide and acetic 
acid.® The values represent averages for a number of concentrations. 
In general, the ionization constant is independent of concentration up 
to 0.1 normal. 

TABLE LII. 


Ionization Constant X 10’® for Ammonium Hydroxide and 



Acetic Acid. 




18° 

25° 

218° 

306° 

NH,OH . 

... 17.2 

18.1 

1.80 

0.093 

CHsCOOH. 

... 18.3 

— 

1.72 

0.139 


Initially there is a slight increase in the ionization constant, after 
which there is a sharp decrease at higher temperatures. Between 218° 
and 306° the constant of ammonium hydroxide changes slightly more 
than that of acetic acid. Similar results have been obtained in the case 
of other weak acids. For example, the ionization constant of diketo- 
tetrahydrothiazole ® at 0°, 18° and 25° is respectively 0.0711X10"®, 
0.146 X 10"® and 0.181 X 10"®. Between 0° and 25° the constant of am¬ 
monium hydroxide varies between 13.91 and 18.06 X 10"®. It appears 

* Noyes, loc . cit ., p. 234. 

® JMd ., loc . cit ., p. 290. 
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that the change in the value of the constant is greater for the weaker 
electrolyte. 

The ionization constant for water itself is a function of the tem¬ 
perature. At ordinary temperature the constant has been variously 
determined, the values at 18® lying between 0.68 and 0.80, the lower 
value being probably the more nearly correct. 

In the following table are given values of the ionization constant of 
water at various temperatures up to 306®.^® 

TABLE LIII. 

Ionization Constant of Water at Different Temperatures. 

0® 18° 25° 100® 156® 218® 306® 

K^X 10"^ 0.089 0.46 0.82 48. 223. 461. 168. 

The ionization constant of water thus increases very rapidly at lower 
temperatures and passes through a maximum not far from 218®. The 
large value of the ionization constant of water and the relatively low 
values of the ionization constants of the acids and bases at higher tem¬ 
peratures lead to a relatively large hydrolysis of the salts of anything 
but the strongest acids and bases, and it is not improbable that even 
salts of the strong acids and bases ultimately suffer hydrolysis at low 
concentrations at the highest temperatures. 

The increase in the ionization constant of the weak acids between 
0® and 40® may be related to the molecular changes which water under¬ 
goes within this temperature interval. Within this interval the density 
and specific heat of water are abnormal and within this temperature 
interval, also, the viscosity effects in solution, as well as the viscosity 
effects under pressure, exhibit abnormal relations, as has already been 
pointed out. An adequate explanation of these various phenomena, how¬ 
ever, appears not to exist. 

The ionization of different electrolytes in water at temperatures from 
18® to 306® are given in Table LIV at concentrations of 0.01 and 0.08 
normal. An examination of this table shows that the ionization of all 
electrolytes decreases markedly with the temperature, the decrease being 
the greater the higher the temperature and the higher the concentration. 
The ionization-temperature curves of different binary electrolytes corre¬ 
spond closely with one another, with the exception of the strong acids 
and silver nitrate. In the case of the last named salt, however, the 
ionization values at the highest temperatures are subject to large errors, 


Noyes, loo , cit.j p. 346. 



TABLE LIV.— Ionization of Electrolytes in Water at High Temperatures. 
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owing to the possible hydrolysis of the salt, as well as to certain reactions 
which appear to take place in the solutions at the higher temperatures.^^ 
The ionization of hydrochloric and nitric acids falls off much more 
rapidly than does that of the salts and that of nitric acid falls off more 
rapidly than that of hydrochloric acid, as may be seen from Table LIV. 
At 0.08 normal and 306"^, the ionization of nitric acid is only about one 
half that of hydrochloric acid. At that temperature the ionization* of 
hydrochloric acid is approximately the same as that of the typical binary 
salts, such as potassium and sodium chlorides. The ionization of weak 
electrolytes, such as ammonium hydroxide and acetic acid, falls off much 
more rapidly than does that of the strong electrolytes. Correspondingly, 
at a given concentration, the maximum in the conductance-temperature, 
curves occurs at lower temperatures in the case of weak acids and bases. 
For acetic acid this maximum lies in the neighborhood of 100®. 

The ionization of salts of higher type, as well as that of the more 
complex acids and bases, such as sulphuric acid and barium hydroxide, 
falls off very markedly with the temperature, and the decrease is as a 
rule the greater the higher the type of the salt. This is well illustrated 
in the case of magnesium sulphate, whose ionization at 0.08 normal and 
218® is only 7 per cent. Corresponding to this rapid decrease in the 
ionization of the more complex salts at the higher temperatures, the 
maximum in the conductance curves lies at relatively low temperatures. 

As the temperature rises, the dielectric constant of water decreases 
and we should expect the properties of aqueous solutions to approach 
those of non-aqueous solutions. This is indeed the case. At higher tem¬ 
peratures, the ionization values for different electrolytes approach those 
of the same type of electrolytes in solvents of lower dielectric constants. 
The low ionization values of the salts of higher type correspond with 
the relatively low values of the ionization of the same type of salts in 
nearly all non-aqueous solvents. At 306°, many of the properties of 
electrolytic aqueous solutions, which differentiate these solutions from 
similar solutions in non-aqueous solvents, have in large measure dis¬ 
appeared. So, for example, the great difference in the conductance 
values of the different ions has almost completely disappeared at 306°. 
Similarly the abnormally high ionization values of hydrochloric and 
nitric acids, as well as of the strong bases, have disappeared at this 
temperature. And, finally, the ionization function, for the binary elec¬ 
trolytes at any rate, approaches values not very different from those of 
solutions in many non-aqueous solvents. 

It is evident that, since the ionization decreases with the temperature, 

Noyes, loc . cit.j p. 94. 
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the value of the ionization function likewise decreases. It is interesting 
to examine the general course of the ionization function at different 
temperatures. In the following table are given values of the ionization 
function K' at a series of concentrations at 156° and 306°, for potassium 
chloride, and at 156°, 218° and 306° for nitric acid. 

TABLE LV. 

Values of the Ionization Function Z' for Strong Electrolytes in 
Water at Higher Temperatures. 

Potassium Chloride. 


ex 10= . 

. 0.5 

2.0 

10. 

80. 

Temp. 

K'XW . 

. 2.68 

5.67 

18.9 

39.6 

156° 



0.882 

Nitric Acid. 


13.0 

306° 

ex 10=. 

. 0.5 

2.0 

10. 

80. 

Temp. 

2?:' X10=. 

..... 2.68 

4.87 

10.7 

28.0 

156° 

1.57 

3.53 

8.30 

21.6 

218° 


0.60 

1.22 

2.96 

8.53 

306° 


Allowance must, of course, be made for the more or less continuous 
increase in the probable error of the conductance values as the tem¬ 
perature rises. The uncertainty in the value of the ionization function 
K', however, probably does not increase in the same proportion, since, 
at a given concentration the ionization of the salt decreases with tem¬ 
perature, and a given percentage error in A or Ao has as a consequence 
a smaller percentage error in the value of K\ At the higher concentra¬ 
tions, at any rate, the values of K'' are approximately correct. In the 
case of potassium chloride at 156°, the general course of the curve is 
similar to that of potassium chloride at 18°, but the value of the function 
is somewhat lower. At 306°, the value of the function jK' is markedly 
lower than at 156°. Thus, at 0.08 normal, between 156° and 306°, 
changes from 0.396 to 0.13. Correspondingly, at lower concentrations 
the value of the function K'' becomes much smaller. The change in the 
value of the function is most marked in the case of nitric acid. For 
this electrolyte, between 156° and 306°, the value of FC' decreases ap¬ 
proximately in the ratio of 1 to 4. For hydrochloric acid the change in 
the value of if' is much smaller than it is for nitric acid. Since, at 
306°, the ionization curve of hydrochloric acid differs but little from that 
of potassium chloride, it is obvious that the value of the function if' for 
hydrochloric acid is approximately the same as for potassium chloride 
at that temperature. At 18° and 0.1 N, the value of if' is 0.5 for potas- 
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sium chloride and 1.1 for nitric acid. It is evident that at the higher 
temperatures the strong acids and bases are relatively much weaker 
than at lower temperatures. 

Owing to uncertainties in the conductance values and the meagreness 
of the experimental material at the higher temperatures, it is not possible 
to determine whether or not the mass-action law actually is approached 
as a limiting form in the case of aqueous solutions; but it seems not 
unlikely that such is the case.- In view of the high value of the ioniza¬ 
tion constant of water and the relatively low value of the ionization 
function of the acids and bases at higher temperatures, it follows that at 
these temperatures typical salts will be hydrolyzed to an appreciable 
extent in dilute solutions and that salts of slightly weaker acids and 
bases, and particularly of the polybasic acids and the polyacid bases, 
undergo appreciable hydrolysis. 

3. The Conductance of Solutions in Non-Aqueous Solvents as a 
Function of the Temperature. In aqueous solutions, the maxima of the 
temperature-conductance curves lie at temperatures which are the lower 
the higher the concentration of the solution. The observed conductance 
change with rising temperature is the resultant effect of an increase in 
conductance due to increasing fluidity of the solvent, and a decrease, 
due to decreasing ionization of the salt. In very dilute solutions, where 
the ionization is approaching unity in all cases, the conductance in¬ 
creases with the temperature at all temperatures, since the ionization 
remains practically fixed in the neighborhood of unity, while the fluidity 
of the solvent increases. At higher concentrations, the ionization de¬ 
creases with the temperature and presumably, at sufficiently high tem¬ 
peratures, it decreases at a sufficient rate to overcome the increase in 
conductance due to the fluidity change of the solvent. When the two 
effects balance, the temperature coefficient becomes zero, while at higher 
concentrations the temperature coefficient becomes negative. 

In non-aqueous solutions, particularly in solvents of low dielectric 
constant, the temperature-conductance curves, as functions of the con¬ 
centration, have a somewhat different form. In very dilute solutions, 
where the ionization is great, the conductance increases with the tem¬ 
perature because of the increasing fluidity of the solvent. At certain 
intermediate concentrations and above certain temperatures, the con¬ 
ductance decreases with the temperature, although at much lower tem¬ 
peratures the curve in general passes through a maximum. At much 
higher concentrations, that is, in the neighborhood of normal and above, 
the temperature coefficient is again throughout positive; that is, the 
conductance increases with the temperature at all temperatures. In the 
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following table are given values of the conductance of potassium iodide 
and ammonium sulphocyanate in SO 2 at temperatures from —33° to 
+ 

TABLE LVI. 

Conductance of Electrolytes in SO2 at Different Temperatures. 


Potassium Iodide. 


V 

0 

CO 

CO 

0 

1 

— 10° 

0° 

+ 10° 

1.00 

37.7 

44.1 

46.9 

51.2 

54.5 

128.0 

65.9 

66.9 

66.5 

64.5 

62.0 

4000. 

139.0 

151.0 

162.5 

166.3 

168.7 


Ammonium Sulphocyanate. 



1.28 

9.42 

10.17 

10.82 

11.13 

11.33 

167.1 

17.01 

16.44 

15.92 

15.10 

14.01 


It will be observed that in the neighborhood of normal the con¬ 
ductance curve for both salts rises throughout with increasing tempera¬ 
ture. In the neighborhood of 0.01 normal there is a slight increase 
between —33° and —20° in the case of potassium iodide, after which 
the conductance decreases throughout with the temperature. At the 
lower concentration, the conductance of ammonium sulphocyanate de¬ 
creases throughout with increasing temperature. At a dilution of four 
thousand liters, the conductance of potassium iodide increases throughout 
with increasing temperature. 

The effect of temperature on the conductance of solutions in non- 
aqueous solvents is readily interpreted in terms of Equation 11. What 
we have to consider is the influence of temperature upon the constants 
of this equation. We have seen that as the dielectric constant of the 
solvent decreases, f.c., as the temperature rises, the value of the constant 
K decreases and ultimately reaches very low values. On the other hand, 
as the dielectric constant decreases, the exponent m increases while the 
constant D remains practically independent of the dielectric constant of 
the solvent. If the mass-action constant K is not too small, then, at high 
dilutions, the ionization of the electrolyte will approach unity, whatever 
the dielectric constant of the solvent. It follows, therefore, that with 
increasing temperature the conductance of such dilute solutions will 
increase throughout as the temperature increases. The constant D, as 
we have seen, determines the value of the ionization at very high con¬ 
centrations. At unit ion concentration the value of the ionization is 


«Franklin, J . Phya . Chem . 15 , 675 (1911). 
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y' = ■ For strong electrolytes D has a value in the neighborhood 

JL JLJ 

of 0.35. The ionization at this concentration is therefore 0.26 and the 
concentration of the salt at this ion concentration is accordingly in the 
neighborhood of 4.0 normal. If the constant D is independent of tem¬ 
perature, then the ionization at this concentration will remain fixed and 
consequently, with increasing temperature, the conductance of the solu¬ 
tion will increase throughout, since the fluidity of the solution increases 
with increasing temperature. At very high and at very low concentra¬ 
tions, therefore, the conductance of all solutions should increase with 
increasing temperature. At intermediate concentrations, the ionization 
decreases as the dielectric constant decreases; that is, as the temperature 
increases. The decrease in the ionization in this region is largely deter¬ 
mined by the decrease in the value of the constant K and increase in 
the value of the exponent m. For higher values of the dielectric con¬ 
stant and for salts having a high value of the constant K and low value 
of the constant D and a value of the exponent m less than 1, the change 
of the constants m and K has relatively a small effect upon the value of 
the ionization at intermediate concentrations. As a result, at low tem¬ 
peratures, or rather, for values of the dielectric constant greater than 
about 20, the ionization changes but little as the temperature increases 
and such solutions exhibit a positive temperature coejB&cient over the 
entire range of concentration. When, however, the dielectric constant 
falls below a value in the neighborhood of 20, the exponent m increases 
markedly and the constant K decreases largely with temperature. Con¬ 
sequently, at intermediate concentrations, the decrease in the ionization 
more than compensates for the increase in the conductance due to the 
increased fluidity of the solutions. The conductance of solutions at such 
intermediate concentrations, therefore, decreases with increasing tem¬ 
perature. 

In order to illustrate the effect of temperature upon the conductance 
of solutions, ionization and conductance curves have been calculated for 
an electrolyte having the constants given in the following table: 

TABLE LVII. 

Assumed Constants of Equation 11 to Illustkate the Effect of 
Temperature on Conductance. 


t 

Ao 

KX 10‘ 

m 

D 

+ 10° 

240 

5.2 

1.21 

0.4 

— 10° 

200 

8.5 

1.14 

0.4 

— 30° 

160 

13.0 

1.05 

0.4 

— 50° 

120 

20.0 

0.95 

0.4 
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These constants correspond very nearly with those for solutions of potas¬ 
sium iodide in sulphur dioxide. The data for these solutions present 
certain inconsistencies, particularly at low concentrations, which render 
it very difficult to determine the precise values of Ao. Accordingly, the 
approximate constants given above have been adopted for the purpose 
of illustrating the effect of temperature upon the ionization and con¬ 
ductance of an electrolyte. The constant D is assumed to be inde¬ 
pendent of temperature. This condition is approximately fulfilled in 
solvents having dielectric constants lower than 25. The lower curves 



Fig. 33. Illustrating the Influence of Temperature on the Ionization and the Con¬ 
ductance of Electrolytes in Solvents of Relatively Low Dielectric Constant. 


in Figure 33 represent the values of the ionization at different tempera¬ 
tures, the lower curves corresponding to the higher temperatures. In 
order to secure a plot on which the ionization and conductance values 
may be conveniently represented at all concentrations, the logarithms of 
the concentrations, instead of the concentrations themselves, have been 
plotted as abscissas. It will be observed that the ionization curves inter¬ 
sect at a concentration of 3.6 normal, corresponding to the value log 
C = 0.556. Actually, the intersections do not occur at a point, since the 

D A- K. 

ionization is given by the equation y = v- T ~ 'iv i and the constant K 

1 H- jD + A. 
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decreases slightly as the temperature increases. The value of Kj how¬ 
ever, is so small that this effect is scarcely appreciable. At concentra¬ 
tions greater than 3.6 normal, the ionization increases with the tempera¬ 
ture, and this increase is the greater the greater the value of m. In 
general, the increased conductance due to increased ionization in these 
regions is masked by the rapidly increasing effects of viscosity. In the 
neighborhood of normal concentration the viscosity effect becomes suffi¬ 
ciently great to overbalance the conductance increase due to increased 
ionization and the conductance-temperature curves pass through a maxi¬ 
mum in this region, after which they fall off very rapidly. Nevertheless, 
it is to be noted that, in all cases for which measurements are available 
at different temperatures in very concentrated solutions, the conductance 
increases markedly with the temperature and this increase is the greater 
the higher the concentration. In Table LVIII are given values of the 
conductance of concentrated solutions of different salts in methylamine 
and ethylamine at a series of temperatures.^^ 

What is striking in these results is the high value of the temperature 
coefficient at high concentration, as, for example, in solutions of silver 
nitrate in methylamine at V = 0.2456. Between —33.6° and —15° 
the conductance increases 91 per cent or 4.92 per cent per degree. The 
same holds true for solutions of silver nitrate in ethylamine, where the 
conductance increases nearly 100 per cent between — 33.5° and —15° 
at 0.4083 N, while, between —15° and 0°, the conductance of solutions 
of ethylammonium chloride increases 6.76 per cent per degree at 0.17 N. 
It is true that the viscosity in these concentrated solutions must differ 
greatly from that of the solvent and the viscosity may change much 
more rapidly with the temperature in the case of the concentrated solu¬ 
tions than in that of the more dilute solutions. Nevertheless, it appears 
not improbable that the high value of the temperature coefficients of 
concentrated solutions is in part due to the increased ionization at these 
high concentrations. 

As the concentration decreases below 3.6 N, the ionization decreases 
with increasing temperature. Those solutions for which m is less than 
unity exhibit an increase in ionization throughout with decreasing con¬ 
centration, while those solutions for which m is greater than unity exhibit 
first a decrease and then an increase, so that the ionization curves pass 
through minima in the neighborhood of 0.1 N. These minima are the 
more pronounced the greater the value of m. In very dilute solutions, 
again, the ionization curves approach one another, corresponding to the 
fact that at low concentrations the ionization in all cases approaches unity. 

Fitzgerald, J. Fhys. Chem, 16, 621 (1912). 
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TABLE LVIIL 


Conductance of Concentrated Solutions in Methylamine and 

Ethylamine. 

Methylamine. 

Salt 

V 

— 33.5° 

— 15° 

0° 

-f-15° 

AgNO, . 

0.2456 

3.237 

6.180 

9.262 

13.05 

(( 

0.4790 

14.33 

20.56 

25.67 

30.8 

a 

0.9348 

22.61 

28.92 

34.15 

38.77 

■ a 

2.084 

24.32 

29.48 

32.97 

34.95 

(t 

5.449 

21.80 

25.18 

26.81 

27.41 

a 

10.63 

20.04 

22.19 

22.74 

22.19 

KI . 

0.6094 

31.12 

38.17 ■ 

42.90 

46.49 


1.190 

32.97 

38.52 

41.74 

43.96 

li 

2.320 

28.49 

Ethylamine. 

31.45 

33.90 

33.39 

AgNO, . 

0.4083 

2.135 

3.989 

5.824 

8.072 

It 

0.7968 

5.310 

7.753 

10.09 

12.11 

it 

0.9928 

5.67 

8.44 

10.55 

12.52 

it 

1.981 

5.820 

7.625 

9.082 

10.25 

ft 

3.953 

4.320 

5.400 

6.141 

6.719 

tt 

7.886 

2.683 

3.181 

3.454 

3.690 

(t 

15.73 

1.677 

1.818 

1.939 

1.939 

tt 

31.39 

1.212 

1.277 

1.285 

1.188 

LiCl ... 

0.42i5 

— 

— 

1.586 

2.080 

tt 

0.8224 

— 

2.001 

2.447 

2.661 

tt 

1.604 

1.279 

1.763 

1.911 

1.835 

tt 

3.131 

0.8484 

0.9915 

0.976 

0.8052 

CANHjCl .... 

0.1666 

— 

0.7197 

1.450 

2.440 

it 

0.3253 

2.293 

3.851 

5.242 

6.616 

tt 

0.6346 

— 

5.090 

5.820 

6.406 

tt 

0.7676 

3.692 

4.675 

5.294 

5.630 

tt 

1.497 

2.606 

2.921 

2.992 

2.886 

tt 

2.922 

1.285 

1.261 

1.181 

1.064 


If the values of the ionization given by the lower curves in the figure 
are multiplied by the corresponding A„ values, the conductance curves 
shown in the upper part of the figure are obtained. At low concen¬ 
trations, where the ionization decreases only little with rising tempera¬ 
ture, the increased conductance, due to temperature rise, more than 
counterbalances the decreased conductance due to decreased ionization, 
and the conductance therefore increases with increasing temperature. In 
very concentrated solutions, also, the conductance increases with the 
temperature since the change in ionization here is relatively small. At 
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intermediate concentrations, however, where the change in ionization is 
large, the conductance-concentration curves at different temperatures 
intersect one another in a more or less complicated manner, indicating 
that the conductance-temperature curves in this region exhibit maxima. 



Fig. 34. Conductance-temperature Curves, illustrating the Relation between Con¬ 
ductance and Temperature for Solutions of Electrolytes at Different Concentra¬ 
tions in Solvents of Relatively Low Dielectric Constant. 

The temperature-conductance curves are shown in Figure 34 for concen¬ 
trations from 1.0 to 0.001 normal. At 0.001 normal the conductance 
increases throughout with increasing temperature. As the temperature 
rises, however, the conductance change due to a given temperature change 
becomes smaller and smaller and at this concentration the curve is very 
near a maximum at a temperature of +10°. At a concentration of 
0.0031 normal, the conductance curve exhibits a very flat maximum at a 
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temperature of —10°. As the concentration of the solution increases, 
the maximum is shifted toward lower temperatures as indicated by the 
dotted curve. At 0.01 normal the maximum lies in the neighborhood of 
— 30°, while at 0.031 normal the maximum is still further displaced in 
the same direction. At 0.1 normal the maximum remains at practically 
the same value, but at 0,31 normal the maximum is displaced toward 
higher temperatures, being very flat in this case and lying somewhere 
in the neighborhood of —10°. At 1 normal the maximum has arisen to 
temperatures above + 10° and the conductance increases markedly over 
the entire temperature range from —60° to +10°. The maximum 
occurs at the lowest temperature at a concentration in the neighborhood 
of 0.1 N. These curves represent, in general, the behavior of solutions 
at different temperatures. They correspond very closely with the values 
obtained by Franklin for solutions of KI in SOg. The maximum in 
the conductance-temperature curves shifts from higher to lower tem¬ 
peratures with increasing concentrations, reaches a minimum, and there¬ 
after again shifts from lower to higher temperatures with increasing con¬ 
centration. In certain cases the effect of viscosity is such that it just 
counterbalances the effect of increased ionization over a considerable 
temperature interval. Ammonium sulphocyanate dissolved in sulphur 
dioxide is an example of this type, the conductance being practically 
independent of temperature at a concentration of approximately 0.1 
normal. At concentrations greater than 0.1 normal the temperature 
coefficient of ammonium sulphocyanate solutions in sulphur dioxide is 
positive and is the greater the greater the concentration of the solution, 
while at lower concentrations the temperature coefficient is negative and 
initially increases with decreasing concentration. Ultimately, however, 
the sign of the coefficient must change. The fact that solutions in all 
solvents, without exception, exhibit maxima in the conductance-tempera¬ 
ture curves at intermediate concentrations indicates that at the tem¬ 
peratures in question the constant m has reached a value near or 
greater than unity. Curves of this type have been observed in solu¬ 
tions in ammonia, sulphur dioxide, water, methyl and ethyl amine, and 
methyl and ethyl alcohols. It is not to be doubted that the phenomenon 
is a general one. That the temperature coefficient of solutions becomes 
positive at very high concentrations is indicated by practically all data 
available for solutions at high concentrations. In general, it has been 
found that the higher the concentration the greater the value of the tem¬ 
perature coefficient, or rather that the temperature coefficient passes 
through a minimum or negative value at intermediate concentrations. 

“ Franklin, loc. cit. 
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This result, however, does not become apparent in solutions of high 
dielectric constant, since the effects in question become marked only 
when the constant m approaches a value of unity or greater. 

With increasing concentration, the temperature of the conductance 
maximum decreases, passes through a minimum and thereafter again 
increases in the more concentrated solutions. This course of the curve 
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Fig. 35. Showing the Conductance as a Function of the Temperature for Solutions 
of Cobalt Chloride in Ethyl Alcohol at Different Concentrations. 

is illustrated in Figure 35, in which are plotted the temperature-con¬ 
ductance curves for cobalt chloride, C 0 CI 2 , in ethyl alcohol.^® The 
course of the maximum is here indicated by the broken line. The lowest 
point of the maximum temperature is approximately 31° and at a dilution 

Bimbach and Weitzel, Ztschr. /. 'pliys. Chem. 75^, 279 (1912), 
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of approximately 50 liters. At higher concentrations the maximum tem¬ 
perature increases very rapidly, while at lower concentrations the maxi¬ 
mum increases more slowly. In solvents of lower dielectric constant, 
the curve of maxima proceeds to lower temperatures. In Figure 36 are 
shown curves for cobalt chloride in acetone.^® In this case the branch 



Fig. 36. Showing the Conductance as a Function of the Temperature for Solutions 
of Cobalt Chloride in Acetone at Different Concentrations. 

of the maximum at lower concentrations lies at very low values of the 
concentration and does not appear on the figure. At higher concentra¬ 
tions the course of the maximum temperature is indicated by the broken 
line. At all points to the right of the maximum curve the temperature 
coefficients of the solution are negative. In Figure 37 are shown the 
conductance temperature curves for potassium iodide in methylamine, the 
dotted curves relating to dilutions greater than 28.2 liters.^^ The relation 

Rimbach and Weitzel, loc. cip. 

Fitzgeralc^, Iqc. cip. 
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among the curves in this case appears quite complex, since at the highest 
concentrations the conductance decreases with increasing concentration. 



Fig. 37. Representing the Conductance as a Function of the Temperature for Solu¬ 
tions of Potassium Iodide in Methylamine at Different Concentrations'. 

The course of the maximum temperatures is indicated by the broken 
lines which meet at a point at a temperature of —33° and at a dilution 
of 28.2 liters. At higher concentrations the maximum proceeds to higher 
temperatures quite rapidly, while at lower concentrations the temperature 
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of the maximum increases slowly. Similar curves have been found foi 
solutions in ethylamine, methylamine, and sulphur dioxide. 

While the complete conductance-temperature diagram is not known 
for most solvents, sufficient data exist to indicate that it is a general 
property of electrolytic solutions to exhibit an increasing positive tem¬ 
perature coefficient at high concentrations. In certain cases this coeffi¬ 
cient may be very great. In other cases the coefficient at lower concen¬ 
trations is negative, decreasing with the concentration and becoming 
positive at higher concentrations. In the following table is given a list 
of temperature coefficients for substances dissolved in the liquid halogen 
acids.^® The coefficients are positive unless otherwise indicated. 

TABLE LIX. 

Temperature Coefficient a X 100 of Solutions of Electrolytes in 

Different Solvents. 

Hydrogen Bromide. 


Electrolyte Vg Vg 

Acetic Acid. 4.30 2.62 0.571 2.72 

Butyric Acid . 4.18 2.68 0.817 3.70 

Iso-valeric Acid . 4.37 2.45 0.729 3.96 

Benzoic Acid . 8.82 0.53 2.38 0.72 1.14 0.89 

Metatoluic Acid. 5.85 0.15 1.83 0.93 

Hydroxybenzoic Acid ... 18.4 1.00 1.36 2.15 

Methyl Alcohol. 1.75 2.5 1.25 4.2 

Metacresol. 15.0 —7.71 1.00 +1.16 

Thymol . 43.6 .47 7.34 0.00 

Alphanaphthol. 51.6 2.26 18.0 0.30 

Hydrogen Chloride. 

Propionic Acid . 11.8 2.15 2.5 2.91 

Butyric Acid. 50.1 2.80 0.792 3.27 

Methyl Alcohol. 2.91 1.21 1.06 2.68 

Ethyl Alcohol . 4.66 3.9 0.591 4.0 

Butyl Alcohol. 5.07 5.23 0.574 6.5 

Resorcin . 137.0 —1.33 6.29 0.00 0.539 +1.3 


With the exception of solutions of thymol and alphanaphthol in 
liquid hydrogen bromide, the positive temperature coefficients through¬ 
out increase with increasing concentration. For lack of more compre¬ 
hensive experimental data regarding the temperature coefficient of the 
substances named, it is impossible to hazard a guess as to the reason for 
the decrease of the positive temperature coefficients in the case of the 
solutions of these two substances. Particularly notable is the high nega- 

“ Archibald, Journal de CMmie Physique Uj 741 (1913). 
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tive temperature coefficient of the solution of metacresol in liquid hydro¬ 
gen bromide at a dilution of 15 liters. Evidently, the temperature 
in this case changes greatly with the concentration since at 
)entration the coefficient is positive and equal to 1.16 per cent. 
Bcult to account for the large value of the positive tempera- 
^nts of the very concentrated solutions, except on the assump- 
ionization in the case of these solutions is relatively inde- 
je temperature. While the concentration at which this con- ' 
ifllled varies considerably with the nature of the dissolved 
'i varies but little with the nature of the solvent. While at 
trations the ionization decreases throughout with the tern- 
higher concentrations the ionization increases with the 


:obable that, at very low concentrations, the temperature 
vill always be found positive. The concentration at which 
however, may be very low indeed in the case of solvents of 
ow dielectric constant. It may be noted, in this connection, that 
jnductance-temperature coefficient of nearly all solvents is positive. 
It is true that, if no impurities were present, it might be expected that 
the ionization of the solvent would increase with the temperature. How¬ 
ever, in most cases, the final conductance of highly purified solvents is 
due to impurities and not to the ionization of the pure solvent. What¬ 
ever these impurities may be, it is evident that they must be sufficiently 
ionized at these concentrations to yield a positive conductance-tempera¬ 
ture coefficient. 

The ionization as a function of the concentration at different tem¬ 
peratures is represented by a family of curves passing through two com¬ 
mon points at a concentration zero, where the ionization is unity, and at 


a concentration corresponding to the ionization y ■ 


D 


1 which for 

solutions of potassium iodide in sulphur dioxide is in the neighborhood 
of 3.5 normal. At concentrations below this value the ionization de¬ 
creases with the temperature. In very concentrated and very dilute 
solutions, the decrease in the ionization is comparatively small, and the 
conductance therefore increases with the temperature. At intermediate 
concentrations, the conductance at higher temperatures decreases with 
the temperature, while at low temperatures it increases with the tempera¬ 
ture. If the A, T-curves are examined, it will be found that at inter¬ 
mediate concentrations the conductance curves exhibit a maximum. As 
the concentration decreases, however, this maximum is displaced toward 
higher temperatures and presumably would ultimately disappear at suf- 
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ficiently low concentrations. It is to be borne in mind, however, that at 
very high temperatures the value of the mass-action constant becomes 
extremely low, as may be seen from the value of this constant in the case 
of solvents having low dielectric constants. It is possible, therefore, 
that, in the case of solvents having relatively low dielectric constants, the 
mass-action constant has such a low value that a maximum in the con¬ 
ductance curves will not be observed in dilute solutions. At higher con¬ 
centrations, again, the maximum is displaced toward higher temperatures 
and if it were possible to work with solutions of sufficiently high concen¬ 
trations the maximum should disappear entirely. Data are not available 
in this case at temperatures approaching the critical point, but, in solu¬ 
tions in sulphur dioxide and ethyl amine, the conductivity increases with 
the temperature over those ranges of temperature for which conductance 
data exist. 

The conductance of a given solution, therefore, appears to be a func¬ 
tion, primarily, of the fluidity of the medium and of its dielectric con¬ 
stant. For a given type of salt the conductance curve in two solvents at 
different temperatures will be similar, provided that the two solvents 
have the same value of the dielectric constant. 

4. The Conductance of Solutions in the Neighborhood of the Critical 
Point. '' Data relative to the ionization of solutions in the critical region 
are entirely lacking, for which reason it is not possible to interpret the 
results of conductance measurements with any degree of certainty. How¬ 
ever, the conductance data indicate that the properties of solutions in 
the critical region do not differ materially from those of solutions at lower 
temperatures. Moreover, it appears that the property of forming elec¬ 
trolytic solutions is by no means confined to the liquid state of matter. 
Fluids above the critical point yield electrolytic solutions and even the 
solvent vapors themselves, below the critical point, possess the power of 
dissolving electrolytes, forming solutions which conduct the current. 

It has already been pointed out that, as the critical point is ap¬ 
proached, the conductance of solutions in solvents of low dielectric con¬ 
stant approaches a very low value, and that the conductance-temperature 
curve if extrapolated would intersect the temperature axis at a tem¬ 
perature not far removed from the critical temperature. It is known, 
however, that, once the critical point has been reached, the conductance 
falls only very slowly with increasing temperature. It other words, the 
conductance-temperature curves exhibit a discontinuity in the immediate 
neighborhood of the critical point. As will be seen below, this behavior 
is what we should expect when conductance measurements are carried 
out in sealed tubes, where the total volume of liquid and vapor remains 
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constant. In the immediate neighborhood of the critical point, the 
density of-the solvent decreases very rapidly with increasing temperature, 
whereas beyond the critical region the density of the solvent medium 
remains fixed. The rapid decrease in conductance immediately below 
the critical point is to be ascribed to the rapid decrease in the density of 
the solvent medium. 

It is to be expected that the ionization and consequently the con¬ 
ductance of solutions in the critical region will be governed largely by 
the dielectric constant of the medium, and it may be inferred that those 
liquids, which under ordinary conditions exhibit a very high dielectric 
constant, will likewise exhibit a relatively high dielectric constant in the 
critical region. In the case of sulphur dioxide and ammonia the dielec¬ 
tric constant in the critical region is very low, whereas in the case of the 
lower alcohols and water a relatively larger, value of this constant is to 
be expected. Water would be an ideal substance for the purpose of 
studying the properties of electrolytic solutions in the critical region, 
were it not for the difficulties attending conductance measurements in 
this solvent at high temperatures. These difficulties, however, disappear 
very largely in the case of the lower alcohols, although it is to be ex¬ 
pected that the ionization in the critical region will be markedly lower 
in these solvents than in water. 

In Table LX are given values of the specific, conductance of solutions 
of potassium iodide in methyl alcohol at a series of temperatures up to 
252^^19 cntical point lies in the - neighborhood of 240° C. The 

reduced conductance values given in the last column are derived by 
multiplying the specific conductance (second column) by the fraction 
of the total volume of the tube occupied by the liquid (third column). 
If the true critical phenomenon is to be observed, the tube must initially 
be filled with an amount of liquid such that when the critical point is 
reached the tube is just filled with liquid. Obviously, as the liquid 
expands, the concentration of the solution decreases, and the corrected 
values of the specific conductance therefore represent values of this 
quantity on the assumption that the specific conductance varies as a 
linear fimction of the concentration. This condition is probably not 
fulfilled, but nevertheless represents an approximation somewhat nearer 
the truth than the measured values of the specific conductance. More¬ 
over, in the immediate neighborhood of the critical region, where the 
volume of the liquid is almost equal to the entire volume of the tube, the 
corrected value of the specific conductance corresponds very nearly with 
the true value. If these corrected values are plotted against the tem- 

« Kraus, Rev, 18, 40 and 89 (1904). 
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perature, then a break in the conductance curve itself will not occur at 
the critical point. The results are shown graphically in Figure 38. 


TABLE LX. 


" i 


Specific Conductance of KI in CH3OH theough the 
Ceitical Region, at 3.34 X 10'* N. 




c .' _■ 


Liquid. 


t 

90.0 

102.0 

123.0 

138.2 

149.0 

159.0 

171.0 

183.8 

197.0 

208.5 
220.0 
225.0 
230.0 
237.0 
238.0 

238.5 
239.0 

239.5 
240.04 

240.4 

240.5 

240.6 
Grit. 


nxio* 

908.4 
1006.0 
1098.0 
1126.0 
1139.0 
1126.0 
1076.0 
1006.0 

740.4 
617.0 
431.2 

337.5 
252.1 
186.0 

157.6 

143.7 
127.0 
107.5 

83.71 

63.92 

55.46 

45.29 

42.65 


lAJ 

V /V 

0.4324 

.4363 

.4451 

.4548 

.4674 

.4764 

.4853 

.4979 

.5095 

.5137 

.5445 

.5569 

.5693 

.6005 

.6094 

.6183 

.6275 

.6362 

.6628 

.7432 

.8074 

.9566 

1.000 


Gas. 


|x 7 /F X 10® 

392.8 

438.9 

488.2 

511.9 

532.3 

536.2 

522.5 

500.9 

377.3 

314.3 

234.8 

187.9 

143.5 

111.6 
96.05 
88.88 
79.69 
68.39 

55.50 

47.50 
44.78 
43.32 
42.65 


t 

pX 10“ 

t 

px 10“ 

240.7 

42.14 

242.45 

36.10 

240.8 

41.56 

243.4 

34.45 

240.9 

40.98 

244.4 

32.88 

241.0 

40.41 

245.46 

31.24 

241.2 

39.52 

247.1 

29.11 

241.4 

38.68 

249.1 

26.59 

241.6 

37.89 

252.0 

23.92 

241.92 

37.06 



It will be observed that the conductance passes through a maximum 

somewhere between 159° 

and 197°, 

probably not far from 175°. There- 

after the conductance decreases rapidly, particularly 

in the immediate 
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neighborhood of the critical point, which in this case is 240.6°. At the 
critical point the rapid decrease in conductance with the temperature 
ceases abruptly and thereafter there is only a moderate decrease as the 
temperature increases. Between 239.5° and 240.6° there is a conduct¬ 
ance decrease of approximately 50 per cent for a temperature change of 
1°, whereas between 240.6° and 252° there is a decrease of less than 
50 per cent for a temperature change of approximately 12°. The sharp 
break in the tangent to the curve at the critical point is very noticeable. 



Fig. 38. Representing the Conductance of Solutions of Potassium Iodide in Methyl 
Alcohol as a Function of the Temperature through the Critical Region. 


This result is obviously due to the fact that below the critical temperature 
the observed conductance change is due to the combined effect of tem¬ 
perature and of density change, while above the critical point it is due 
to temperature change alone. 

As the critical point is approached, the salt becomes appreciably 
soluble in the vapor and is sufficiently ionized to render the vapor a 
fairly good conductor. In Table LXI, are given values of the specific 
conductance of liquid and vapor for solutions of ammonium chloride in 
methyl alcohol, together with the relative volume of the liquid 
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In this solution the amount of liquid in the tube was such that its 
mean density was below the critical density. In such case the true 
critical phenomenon does not occur since, if carried out under strictly 
equilibrium conditions, the liquid disappears at the bottom of the tube. 
In general, however, unless the amount of liquid is comparatively small, 

TABLE LXI. 

Conductance of 0.2245 Per Cent NH^Cl in CHgOH in the 
Critical Region. 


Temp. 

[i Liquid 

u Vapor 

V^/V 

234.0 

1524.0 


.4411 

236.9 

1236.0 

1.574 

.4333 

239.0 

930.3 

2.177 

.4261 

240.0 

760.0 

3.568 

.4147 

241.0 

605.7 

6.381 

.4000 

241.9 

469.7 

14.64 

.3707 

242.5 

257.7 

38.66 

.2806 


Grit. Pt. 



243.1 

67.25 



245.2 

54.36 



247.1 

47.62 



249.0 

41.33 



254.0 

30.19 




and is thoroughly stirred, it will be found that the meniscus fades away 
at some point above the bottom of the tube at a temperature correspond¬ 
ing to the critical temperature. At this temperature, the specific con¬ 
ductance of the vapor phase was approximately one sixth that of the 
liquid phase. The conductance of the vapor phase is readily appreciable 
as much as 5° below the critical point. Above the critical point the 
conductance of the solution in a gas below its critical density decreases 
with the temperature, the decrease amounting to something over 50 per 
cent for a temperature change of approximately 12°. In the immediate 
neighborhood of the critical point the conductance appears to change 
somewhat more rapidly than at higher temperatures. 

The conductance of the vapor phase increases very rapidly with the 
temperature, and the more rapidly the nearer the temperature lies to the 
critical point. It is evident that several factors are here coming into 
play. In the first place, the concentration of the salt in the vapor phase 
increases with rising temperature; and, in the second place, the density 
of the vapor increases with increasing temperature. As follows from 
the results given below for the conductance of the fluid phase above the 
critical temperature as a function of the concentration of the solvent, the 
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conductance increases very rapidly with increasing density of the solvent 
phase. As the density of the vapor increases as the critical point is 
approached, the conductance is increased very largely because of the 
increase in the density, of the vapor. The relations between the curves 
are shown in Figure 39. 

In the following table are given values of the specific conductance 
of a 0.00463 normal solution of potassium iodide in methyl alcohol for 
different concentrations of the solvent.^® 

TABLE LXII. 

Conductance of Potassium Iodide in Methyl Alcohol above the 
Critical Point for Different Densities of Solvent. 


c = 

0.1188% 

V = 0.3981 

W = 0.1163 

C = 0.00463 N 

W-- 

= 0.1163 

0.1023 

n X 10® 

0.0968 0.0815 

0.0758 

0.0588 

239.0 

— 

— 

— 

— 

— 

. 1.892 

241.0 

— 

— 

— 

— 

— 

1.736 

241.3 

— 

— 

— 

— 

4.783 

— 

241.32 

— 

42.24 

— 

— 

— 

— 

241.5 

56.41 

— 

— 

— 

— 

— 

241.6 

— 

— 

28.80 

— 

— 

— 

241.7 

— 

— 

— 

16.56 

— 

— 

242.0 

53.95 

36.35 

26.54 

10.90 

4.468 

— 

242.9 

— 

— 

— 

— 

— 

1.662 

243.0 

50.54 

32.48 

24.23 

9.36 

4.141 

— 

244.0 

47.90 

30.5.9 

22.47 

8.626 

3.884 

— 

244.9 

— 

— 

— 

— 

— 

1.521 

245.0 

— 

28.80 

21.25 

7.886 

3.656 

— 

245.1 

45.51 

— 

— 

— 

— 

— 

247.0 

41.68 

25.79 

19.14 

7.081 

3.247 

— 

247.2 

— 

— 

— 

— 

— 

1.387 

250.1 

36.97 

22.04 

16.90 

6.003 

2.824 

1.230 


In this table W represents the weight of solvent in the tube, V the 
total volume of the tube in cubic centimeters and C the concentration of 
the solution. The conductance curves are shown graphically in Figure 
40. The density of the solvent in the different experiments, together with 
he conductance of the solutions at 245° and 250°, is given in Table 
LXIII. (See page 174.) 

It is evident that the conductance of a solution containing a given 
amount of salt and a variable amount of solvent increases enormously 
as the density of the solvent increases. For an increase in the density 
of the methyl alcohol from 0.127 to 0.251, the conductance increases 

** Kraus, loc . dt . 




239 241 243 245 247 249 251 

TEMPERATURES 

40. Representing the Conductance of Potassium Iodide in Methyl Alcohol 
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TABLE LXIII. 

Conductance of KI in CHgOH as a Function of the Density 

OF the Solvent. 


Density 
of Solvent 

fxX lO® 

245° 

250° 

0.251 

45.6 

37.2 

0.220 

28.8 

22.6 

0.208 

21.2 

16.83 

0.178 

8.0 

6.0 

0.163 

3.7 

2.8 

0.127 

1.44 

1.2 


from 1.44 to 45.6, or approximately 50 times. At 250° the increase in 
the conductance is not so great, since for the same concentration change 
the conductance increases only from 1.2 to 37.2, or 30 times. The 
A, ^-curves indicate a fairly rapid decrease in the conductance immedi¬ 
ately above the critical temperature. As the temperature rises these 
curves appear to approach a horizontal straight line. The lower the 
concentration, the less does the conductance change with the temperature. 

At a given temperature, the addition of a given amount of solvent 
increases the conductance the more the greater the density of the solvent. 
In other words, the A,C-curves at constant temperature are strongly 
convex toward the axis of concentrations. 

It is to be borne in mind that the conductance of a solution is a 
function of the number of carriers and the speed with which these car¬ 
riers move. Unless the nature of the carriers changes very greatly, we 
should expect that the speed of the carriers would be the greater the 
lower the density of the solvent, since the viscosity of a gas increases 
with its density. Since, now, the conductance of a solution increases 
very rapidly with the density and since this increase is the greater the 
greater the density of the solvent, it is difficult to escape the conclusion 
that the increase in the conductance of these solutions is due to an 
increase in the number of carriers present in them. 

According to the commonly accepted theory of electrolytic solutions, 
the change in the conductance of solutions as a function of the concen¬ 
tration is due to a change in the relative number of carriers; that is, 
to a change in the ionization of the electrolyte. Because of various 
difficulties which have arisen in accounting for the properties of strong 
electrolytes, some writers have suggested that strong electrolytes in 
solution are completely ionized. The study of the properties of non- 
aqueous solutions and of solutions at higher temperatures yields no 
apparent support for such an hypothesis, If the salts in solvents of low 
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dielectric constant are completely ionized, then it becomes exceedingly 
difficult to account, on the one hand, for the very low value of the con¬ 
ductance of these solutions at certain intermediate and low concentra¬ 
tions and, on the other hand, for the very rapid increase in the conduct¬ 
ance of these solutions at higher concentrations. So, in the case of 
solutions in the neighborhood of the critical point, it is difficult to account 
for the rapid decrease in the conductance of the solution as the critical 
point is approached on the basis of this hypothesis. Again, in the case 
of solutions above the critical point, the large increase in the conductance 
of the solution as the concentration of the solvent increases is with diffi¬ 
culty accounted for on the assumption that the electrolyte is completely 
ionized, unless, at the same time, an hypothesis is introduced according 
to which the speed of the ions through the solvent medium is enormously 
increased by an increase in the concentration of the solvent. For such 
an hypothesis there is an entire lack both of experimental facts and of 
theoretical support. 

On the other hand, if the fundamental elements of the usual theory 
of electrolytes are accepted, we are forced to the conclusion that the ion¬ 
ization of electrolytes is a complex function of the concentration and that, 
at very high concentrations, in the case of solvents of low dielectric con¬ 
stant, the ionization increases with the concentration. While theoretif'.a.l 
support is lacking for this assumption, no theoretical principles are 
tradicted by such an hypothesis. Furthermore, if we assume that the 
ionization of electrolytes is a function of the concentration and is approxi¬ 
mately measured by the conductance ratio the influence of tempera- 

ture, of concentration, and of the viscosity of the solvent may be readily 
accounted for without contradicting known facts and without intro¬ 
ducing any further hypotheses for which a theoretical foundation is 
lacking. In other words, on the basis of the ionization hypothesis, it is 
necessary to make only a single assumption whose correctness remains 
uncertain, whereas in the case of other hypotheses a number of assump¬ 
tions are necessary. Unless other and more conclusive facts can be 
adduced in support of the hypothesis that the strong electrolytes are 
completely ionized in solution, this hypothesis is clearly untenable at 
the present time. 



Cliapter YII. 

The Conductance of Electrolytes in Mixed Solvents. 

1. Factors Governing the Conductance of Electrolytes in Mixed 
Solvents, Since the properties of electrolytic solutions are functions of 
the properties of the solvent, it follows that in the case of mixed solvents 
the properties will be functions of the concentration of the solvents in the 
mixture. We may have mixtures in which either one or both of the 
solvents are capable of forming electrolytic solutions with ordinary salts. 
In the case of water, mixtures are, as a rule, obtained only with other 
solvents which have the power of forming electrolytic solutions. In the 
case of certain non-aqueous solvents, however, mixtures may be obtained 
with solvents not capable of forming electrolytic solutions with ordi¬ 
nary salts. 

The addition of a second solvent component to a solution of given 
concentration will in general affect the conductance in that the speed 
of the ions and the ionization of the electrolyte will be influenced by the 
addition of the second solvent. The conductance will therefore be a 
more or less complex function of the relative concentration of the two 
solvents. The effect of the addition of a second solvent will depend 
upon the concentration of the electrolyte as well as upon its nature. 

In certain solutions, the formation of an electrolytic solution depends 
upon an interaction between the dissolved substance and the solvent. 
When such is the case, the conductance of the solution is often greatly 
affected by the addition of a second solvent component. Such is the case 
with solutions of the acids in non-aqueous solvents on the addition of 
water. The addition of a small amount of water to a solution of an 
acid in an alcohol, for example, has an enormous influence upon the 
properties of the resulting solution. Similar results are obtained in non- 
aqueous solutions of salts which exhibit a pronounced tendency to form 
hydrates, as, for example, calcium chloride. 

If we assume that the nature of the ions remains fixed and inde¬ 
pendent of the nature of the second solvent, then we should expect the 
speed of the ions to be a function of the viscosity of the medium. The 
viscosity of a mixture of two solvents varies continuously with the rela¬ 
tive concentration of the solvents. The viscosity curves may exhibit 
either a minimum or a maximum or they may vary continuously between 
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the values of the two pure media as extremes. If the viscosity of the two 
solvents differs greatly, then in general the viscosity of a mixture will lie 
intermediate between that of the two pure components. If the two sol¬ 
vents have approximately the same viscosity and particularly if both 
solvents are associated liquids, the viscosity curve will as a rule exhibit 
a maximum. Cases in which the viscosity curve passes through a mini¬ 
mum are rather exceptional. 

The viscosity of a mixture of two solvents will in all cases be of the 
same order of magnitude as that of the two components. If the nature 
of the ions remains fixed, therefore, the speed of the ions may be ex¬ 
pected to vary approximately in proportion to the fluidity change. 

In adding a second solvent to a solution of an electrolyte in another 
solvent, an interaction may take place between the electrolyte and the 
added solvent. In this case, the nature of the ions will change and with 
it, in general, their speed. In some instances, the change in the speed 
of the ions due to this cause is relatively large. 

In general, it may be expected that the ionization of a salt in a mixture 
of two solvents, particularly in dilute solutions, will have a value inter¬ 
mediate between those of the same electrolyte in the pure solvents. For 
we have seen that the ionization of a salt is a function of the dielectric 
constant of the medium, and the dielectric constant of a mixture of two 
solvents is in general intermediate between those of the pure components. 
Here again, however, we have to take into account the interaction between 
the electrolyte and the components which form the solvent medium. If 
interaction takes place between the second solvent and the electrolyte, 
then a new complex is formed whose ionization may differ greatly from 
that of the same electrolyte ih-.'the first solvent and, in fact, all of whose 
chemical properties may differ greatly from those of the original electro¬ 
lyte in the first solvent. A considerable number of examples of this type 
are found in aqueous solutions. When, for example, ammonia is added 
to a solution of a silver salt in water, a complex is formed between the 
silver ion and ammonia, which apparently has the composition 
Ag(NH3)2'^ and whose properties are distinct from those of the normal 
silver ion in water. So, we find that salts of this ion are much more 
soluble than those of the normal silver ion, particularly in the case of 
the halides. Similar complexes are formed in the case of many other 
salts dissolved in water in the presence of ammonia, as, for example, 
salts of copper, zinc, cobalt, nickel, etc. The distinctive properties of 
the complex affect all the characteristic properties of the resulting elec¬ 
trolytic solution. So the addition of ammonia to a solution of a silver 
or a copper salt in water decreases the viscosity of the solution, until all 
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the metal has been transformed to the complex. This behavior is due 
to the fact that the solutions of this complex possess a negative viscosity 
relative to that of pure water, while solutions of the original salt possess 
a positive viscosity with respect to pure water. 

In non-aqueous solutions, we find similar relations; that is, inter¬ 
action often takes place between the second solvent component and the 
electrolyte. Thus, the ionization of solutions of a large number of salts 
appears to be greatly affected by the addition of a small amount of water. 
This is particularly the case with electrolytes which exhibit a marked 
tendency to form complexes with water. If a salt, which exhibits a 
marked tendency to form hydrates, is dissolved in a medium, with 
which this salt has little tendency to form a solvate complex, then 
the salt will be relatively little ionized when dissolved in this solvent. 
On addition of water to such a solution, the salt apparently forms a 
complex with water, whose ionization in the original solvent is much 
greater than that of the anhydrous salt. Solutions of potassium chloride 
or iodide, for example, are highly ionized in acetone and their ionization, 
and consequently their conductance, is but little affected by the addition 
of water. On the other hand, lithium chloride, which shows a pronounced 
tendency to form complexes with water, is ionized to only a relatively 
slight degree in pure acetone. On the addition of water to a solution 
of a lithium salt in acetone, the conductance is greatly increased. Similar 
results have been obtained in the case of calcium chloride. 

2. Conductance of Salt Solutions on the Addition of Small Amounts 
of Water, In Table LXIV are given values of the conductance of solu- 

TABLE LXIV. 

Conductance of Salts in Anhydrous Propyl Alcohol at 25 °.^ 


Nal 


cx 10^ 

•^mol 

0.0623 

19.94 

0.1581 

19.36 

0.3902 

18.36 

0.6591 

17.72 

1.498 

16.30 

2.310 

15.40 

5.890 

13.23 

13.26 

11.28 

‘mil 

9.815 

53.40 

8.400 


Ca(N 03)2 Anhydrous 


C X 10® 

■^mol 

0.363 

5.140 

0.792 

3.834 

1.617 

2.894 

3.326 

2.184 

5.908 

1.798 

7.247 

1.688 

14.320 

1.258 

24.930 

0.976 

43.290 

0.772 


1 Kraus and Bishop, J, Am, Chem. Soc. 43j 1568 (1921). 
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tions of calcium nitrate and sodium iodide in propyl alcohol. In the 
case of calcium nitrate the values given are the molecular conductances 
whose limit at low concentration should be approximately twice that of 
the equivalent conductance. It will be observed that while sodium iodide 
is highly ionized, calcium nitrate is ionized to only a relatively small 
extent. 

At a concentration of approximately 10'^ molal, the ionizr 
cium nitrate is less than 15 per cent, wherea 
sodium iodide is very largely ionized. If the 
plotted against the concentrations, the curve .. 
a limiting form asymptotically, whereas that of 
is convex toward the axis of concentrations, th^ 
being the greater the lower the concentration oi 

The addition of 0.185 mols of water per lite. 
solution, whose concentration was 0.045 N, raised 
0.772 to 2.036, and an additional 0.346 mols raisec 
2.991. It is evident, therefore, that the addition of water n 
of anhydrous calcium nitrate in propyl alcohol causes a h i 
in the ionization of the salt. This follows, since the viscosity ui i^ne 
solvent is not materially affected by the addition of small amounts of 
water. It is true that, if a complex is formed on the addition of water 
to a solution of calcium nitrate, the speed of the ion may be affected by 
the addition of water, but it seems likely that, if anything, the speed of 
the complex will be lower than that of the original ion. However this 
may be, it is very unlikely that the speed of the complex could vary 
greatly from that of the anhydrous ion and the resulting change in the 
conductance must therefore be due to a change in the ionization of the 
electrolyte as a result of the formation of a complex with water. 

TABLE LXV. 

Conductance of Mg(N0s)2-bH20 in Anhydrous Propyl Alcohol and 
IN Propyl Alcohol Containing 0.7 Per Cent Water at 25°. 


Anhydrous 

Solvent 

Solvent+ 0.7% Water 

C X 10" 


CXIO" 

A 

0.394 

12.422 

.298 

17.774 

0.865 

10.730 

1.950 

9.062 

1.942 

8.932 

3.758 

7.326 

3.483 

7.774 

6.339 

6.188 

6.406 

6.408 

11.670 

5.096 

9.804 

6.026 

19.460 

4.400 

19.89 

4.674 

30.410 

3.921 

36.12 

3.866 

49.560 

3.555 
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In Table LXV are given values for the conductance of magnesium 
nitrate hexahydrate in anhydrous propyl alcohol and in propyl alcohol 
containing 0.7 per cent of water. 

The original salt having been hydrated, it is probable that the complex 
hydrate was to some extent present in the solution. Nevertheless, the 
value of the molecular conductance is of the same order of magnitude 
as that of anhydrous calcium nitrate in propyl alcohol and the conduct¬ 
ance curve is of the same general form. On the addition of water, the 
conductance of the magnesium nitrate is markedly increased, particularly 
in the more dilute solutions. The curve for the conductance in the 
presence of water twice intersects the curve for the conductance in the 
anhydrous solvent. This effect may in part be due to a change in the 
speed of the ions, owing to the presence of water, and in part to a more 
or less complex equilibrium which must exist between the dissolved 
electrolyte and the water. 

Those salts which have only a slight tendency to form stable com¬ 
plexes with water are, as a rule, ionized more highly in .such solvents as 
acetone and the alcohols than are salts which exhibit a pronounced ten¬ 
dency to form stable complexes with water. Correspondingly, the addi¬ 
tion of water to a solution of a salt, which has little tendency to form 
complexes with water, has very little influence upon its ionization. The 
effect is scarcely observable in solutions of such salts as potassium and 
sodium iodides. In the case of lithium chloride dissolved in ethyl alcohol 
there is a slight increase in the ionization upon the addition of water. 
In Table LXVI are given values for the conductance of solutions of 
lithium chloride in ethyl alcohol in the presence of water.^ It is evident 
from an inspection of this table that the conductance of lithium chloride 
in ethyl alcohol is increased slightly upon the addition of water. The 
effect is somewhat more marked at higher concentration. 

TABLE LXVI. 

Conductance of LiCl in C 2 H 5 OH in the Presence of Water at 25"^. 


0 

C jj qMoIs per Liter 
" 1 2 

10 

Dilution 

of 

Electrolyte 

V 


18.8 19.7 

24.2 

20 

^ .(31.8 

32.2 32.8 

33.1 

640 

* Goldschmidt, Ztschr, 

/. pliys. Chem. 89, 138 (1914). 
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3. The Conductance of the Acids in Mixtures of the Alcohols and 
Water. In aqueous solutions, the acids and bases occupy a unique posi¬ 
tion in that their solutions possess properties which, as a rule, differen¬ 
tiate them sharply from solutions of typical salts. The acids and bases 
in water are the only electrolytes which apparently conform to the mass- 
action law in this solvent. Furthermore, the ionization of different acids 
and bases differs greatly, while that of salts of the same type is prac¬ 
tically the same at all concentrations. So, also, the speed of the hydrogen 
and hydroxyl ions is much greater than that of the ordinary ions at ordi¬ 
nary temperatures. In the case of acids, at any rate, many facts indicate 
an interaction between acid and water whereby a complex positive ion 
is formed. 

In Table LXVII are given conductance values for solutions of hydro¬ 
chloric acid in methyl alcohol in the presence of varying amounts of 
water.® 

TABLE LXVII. 

Conductance of Hydeochloeic Acid in Methyl Alcohol in the 
Peesence of Vaeying Amounts of Watee at 25®. 

Mols of HgO per Liter Cone, of 


0 

0.1 

0.2 

0.5 

1.0 

2.0 

Electrolyte 

(115.4 

99.6 

91.3 

81.6 

78.1 

67.1 

0.10 

1171.9 

141.7 

129.3 

120.8 

116.7 

97.8 

0.0015625 

192. 

157. 

143. 

135. 

130. 

107. 

0.00 


The effect of adding water to a solution of hydrochloric acid in 
methyl alcohol is to greatly decrease the conductance of the solution and 
this effect is relatively independent of the concentration of the solute. 
It appears, therefore, that the ionization of hydrochloric acid is not 
materially affected by the addition of water, but that the speed of the 
hydrogen ion is greatly reduced. It is true that on the addition of water 
to methyl alcohol the viscosity is increased, but the viscosity change due 
to the small amounts of water added in the case of these solutions is 
inconsiderable and cannot account for the large decrease in the conduct¬ 
ance of these solutions. Apparently, therefore, the change in conduct¬ 
ance is due to a slowing up of the hydrogen ion, since it is known that 
the chloride ion is normal in its behavior in mixtures of alcohol and 
water. The values given for the limiting value of the equivalent con¬ 
ductance are approximate, since the extrapolation function employed in 
determining these values is uncertain. 

•Goldschmidt and Thuesen, Ztschr. f. phys. Cliem. 81, 32 (1913). 
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Apparently, when water is added to a solution of hydrochloric acid 
in methyl alcohol, a complex is formed with water which moves with a 
much lower speed than does the normal hydrogen ion in pure methyl 
alcohol. It will be noted that the speed of the normal hydrogen ion in 
methyl alcohol is exceptionally high. The Ao values for typical salts 
in this solvent lie in the neighborhood of 100. The hydrogen ion must 
therefore move with a speed roughly three times that of the chloride or 
potassium ion. 

Solutions of hydrochloric acid in ethyl alcohol exhibit a similar 
behavior on the addition of waterValues of the equivalent conduct¬ 
ance of hydrochloric acid in ethyl alcohol in the presence of varying 
amounts of water are given in Table LXVIII. 

TABLE LXVIII. 

Conductance of Solutions of Hydrochloric Acid in Ethyl Alcohol 
IN THE Presence op Water at 25°. 

Mols of HgO per Liter 

0 0.028 0.05 0.1 0.2 0.5 1.0 2.0 3.0 Dilution 

. (74.2 63.2 58.5 52.6 47.4 42.8 41.8 42.4 44.4 1280 

^. IS5.0 32.0 30.4 27,5 24.2 21.3 21.4 23.3 26.1 10 

Ao.... 89.4 75.1 69.3 62.0 56.0 50.5 48.5 48.2 49.5 oo 

The conductance curve passes through a minimum for a solution contain¬ 
ing approximately two mols of water per liter. This minimum is slightly 
affected by the concentration of the acid. At lower concentrations the 
minimum occurs at a slightly higher concentration of water. The shift 
in the minimum point, following a change in the concentration of the 
acid, may in part be due to a change in the viscosity of the solution due 
to the addition of acid. On the other hand, it is possible that the ioniza¬ 
tion of the salt is materially affected by the presence of water, particu¬ 
larly at the higher concentrations. It may be assumed, however, that 
at very low concentrations of acid, the ionization is not materially 
changed due to the addition of water. If this is true, and the acid is 
highly ionized, the Ao values should follow a curve corresponding approxi¬ 
mately to that of the most dilute solution. In other words, the Ao values 
should pass through a minimum somewhere between 1 and 2 normal 
with respect to water, which has been found to be the case. This indi¬ 
cates that the addition of water results in an initial decrease in the 
speed of the ions up to a concentration of about 2 normal, and there¬ 
after in an increase on further addition of water. 

* Goldscbmidt, Ztschr. f. phya. Cliem, 89j 132 (1914). 
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This is further indicated by results at higher concentration 
In the following table are given values for the conductance 
chloric acid in mixtures of water and ethyl alcohol at 25° 
amounts of water.® 


TABLE LXIX. 

Conductance of Solutions of Hydrochlomc Acid in Alcohol in the 
Presence of Water at 25°. 


Equivalent Conductances at Dilutions 



F=12 

7 = 48 

7 = 

0.0 

34.3 

43.6 

67. 

6.83 

37.2 

43.0 

51. 

13.85 

60.3 

65.8 

75.5 

27.68 

115. 

121. 

130. 

41.57 

207. 

218. 

230.5 


The values for the pure solvent do not agree with those given in Table 
LXVIII. It is possible that the values in this case are low owing to 
the presence of traces of water.® However, it is evident that, in the 
presence of water at higher concentrations, the conductance increases with 
addition of water. This may be due, in part, to an increased ionization, 
but it appears probable that it is also in part due to an increase in the 
speed of the hydrogen ion.- That a complex between water and the 
hydrogen ions is initially formed is likewise indicated by other prop¬ 
erties of these solutions such as the catalytic effects due to the hydro¬ 
gen ion.’' 

In the case of the weaker acids, on addition of water, the conductance 
curve is modified the more the weaker the acid. In Table LXX are given 
values for the conductance of sulphosalicylic acid in ethyl alcohol.® In 
solutions of sulphosalicylic acid, there is a marked decrease in the con¬ 
ductance on addition of small quantities of water up to normal concen¬ 
tration, but the effect is not as great as it is in solutions of hydrochloric 
acid. 

TABLE LXX. 

Conductance of Sulphosalicylic Acid in CgHriOH at 25° in the 
Presence of Water. V =■ 160. 

CjjQ .... 0 .003 .019 .1 .2 .5 1.0 

A .'.. 49.0 49.0 45.4 37.0 32.8 29.9 29.5 

“ Kailan, Ztaohr. /. phya. Cliem. 89, 678 (1914). 

® Kailan, loc, cit. 

^ Goldschmidt and Thuesen, loc, cit., p, 62. 

* Goldschmidt, Ztschr. /. phys, Chem. 89, 139 (1914). 
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In the following table are given values for the conductance of picric 
acid in methyl alcohol in the presence of water.® . 


TABLE LXXI. 


Conductance op Picric Acid in CH 3 OH at 25 in the 
Presence of Water. 


A 


Concentration of Water Cone. 

0 .5 1. 2. of Acid 

( 9.32 12.7 16.3 23.4 0.1 

156.73 63.7 70.2 75.7 0.0015625 


In this case, the conductance effect due to addition of water is the reverse 
of that in solutions of stronger acids. The conductance increases 
throughout as the concentration of water increases. It is evident that, 
the ionization of picric acid is much smaller than that of the stronger 
acids. The increase in the conductance at the higher concentration is 
much more marked than it is at the lower concentration, indicating that 
at higher concentration, at least, an increase in the ionization due to the 
addition of water is a primary factor in causing an increase in the con¬ 
ductance of the solution. It may be presumed that the speed of the 
hydrogen ion is independent of the nature of the acid, and that conse¬ 
quently the Ao values for picric acid decrease with increasing amounts 
of water, until fairly high concentrations are reached. In the following 
table are given approximate values of Ao for picric acid dissolved in 
methyl alcohol in the presence of water.^® 


TABLE LXXII. 


Change of Ao for Picric Acid in Methyl Alcohol with Varying 
Amounts of Water. 


C'h.O 0 .5 1. 2. 

A 182 108 98 90 


These values of Ao, while only approximate, nevertheless cannot differ 
greatly from the true values and clearly indicate that the increase in 
the conductance of picric acid is due to an increased ionization of the 
acid as a result of the presence of water. 

In solutions of weaker acids, the effect of water on the ionization of 
the acid is even more pronounced. In the following table are given 
values for trichlorobutyric acid: 

* Goldschmidt and Thuesen, loo. cit.^ p. 35 
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TABLE LXXIII. 

Conductance of 0.2 N Trichlorobutyeic Acid in CH3OH in the 
Presence op Water. 

Ch^O 0 2.0 

A 0.446 0.825 1.283 

In a 0.2 normal solution of this acid the conductance is increased 100 
per cent on the addition of one mol of water. In other words, the ioniza¬ 
tion is increased somewhat over 100 per cent by this addition of water. 
In this respect the acids behave in a manner similar to that of typical 
salts which have a great tendency to form hydrates. 

The effect of water on the ionization of the weaker acids is clearly 
shown in the increased value of the ionization constants of these acids 
on addition of water. In Table LXXIV are given values of the ioniza¬ 
tion constant for trichloroacetic acid in absolute alcohol and in alcohol 
containing 0.622 mols of water at different dilutions. Excepting at the 
highest concentrations, the constant varies but little with the concentra¬ 
tion of the acid. 

TABLE LXXIV. 

Ionization Constant op Trichloroacetic Acid in Alcohol in the 
Absence and in the Presence of Water. 


V 

K X 10-« 

Pure Alcohol Cjj q 

1 = 0.622 N 

5.5 

5.03 

31.1 

11 . 

4.74 

29.3 

22 . 

4.45 

28.6 

44. 

4.45 

27.6 

88 . 

4.50 

27.6 

176. 

— 

28.4 


It is evident that, due to the addition of 0.622 mols of water, the 
ionization constant of trichloroacetic acid is increased approximately six 
times. Corresponding to this increase in the value of the ionization con¬ 
stant of the acid, the conductance of the acid is obviously greatly 
increased. The effect of water on the conductance of different electro¬ 
lytes is shown in Figure 41. The great percentage increase in the con¬ 
ductance of trichloroacetic acid will be noted in contrast to a smaller 
increase in the case of picric acid and lithium chloride and a large decrease 
in that of hydrochloric acid. 

laBraune, Ztachr. f. phya, Chem. 85, 170 (1913). 
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It seems fairly clear that, on the addition of water to a solution of 
an acid in alcohol, a complex is formed between the acid and the added 
water. The hydrogen ion of this complex moves with a speed much 
lower than that of the normal hydrogen ion in alcohol or in pure water. 
In the case of the weaker acids, the ionization of the hydrated acid is 



1.0 2.0 3.0 

Mols of Water. 


Fig. 41. Illustrating the Influence of Water on the Conductance of Different 
Electrolytes in Ethyl Alcohol. 

much greater than that of the unhydrated acid. In solutions of salts in 
non-aqueous solvents, there is, as we have seen, a similar increase in 
ionization on the addition of water in the case of those salts which exhibit 
a pronounced tendency to form complexes with water. In these cases, 
therefore, the process of ionization is intimately connected with the 
formation of a more or less definite complex, and since these complexes 
are formed on the addition of a small amount of water to solutions in 
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anhydrous solvents, there is all the more reason for believing that these 
complexes exist when the salts are dissolved in pure water. 

4. Conductance in Mixed Solvents over Large Concentration Ranges, 
A considerable number of systems have been studied in which salts 
have been dissolved in mixtures of two solvents miscible in all propor¬ 
tions. In these solutions the conductance has not been studied for small 
additions of either component. As a rule, the concentration was varied 
by intervals of 25 per cent. In such cases, the change in the viscosity of 
the medium, as well as that in the ionization of the electrolyte, 
itself felt. 

When the two solvents have approximately the same dielectric 
stant and the dissolved salts are ionized to practically the same 
in the two solvents, then the conductance of solutions in mixtures 
solvents is determined primarily by the viscosity of the mi"'"' 
other cases, where the viscosity change is small and the ionizi 
salt in the two solvents differs greatly, the form of the curve 
dependent upon the ionization change brought about by the 
the composition of the mixture. 

In Figure 42 are shown values of the fluidity of mixtures of acetone 
with water, methyl and ethyl alcohol at 0°.^^ In Figure 43 are shown 
fluidity curves for mixtures of methyl alcohol with water and ethyl 
alcohol,-"^ and nitrobenzol with methyl and ethyl alcohols,^® at 25®. The 
values are given in Table LXXV. In the case of these curves the precise 


TABLE LXXV. 

The Fluidity of Mixtuees as a Function of Their Composition. 


Solvent 


Per Cent 

B 



A 

B 

0 

25 

50 

75 

100 


H,0 

Acetone ... 

56.24 

34.12 

33.03 

58.80 

244.1) 

CH,OH 

Acetone ... 

122.2 

153.9 

187.4 

222.2 

244.1 

k = o° 

C^H^OH 

Acetone ... 

53.88 

96.08 

147.0 

200.4 

244.1^ 

1 

H ,0 

CH 3 OH ... 

. 112.3 

76.18 

67.72 

83.6 

144.41 


H,0 

CAOH .. 

112.3 

55.22 

41.56 

47.21 

87.4 j 


C<,H„NO, 

CH,OH ... 

. 54.29 

84.4 

110.9 

142.3 

166.4 

■t = 25 

C„H„NO, 

cAoh .. 

54.3 

73.3 

82.7 

88.2 

87.4 


C,HgOH 

CH 3 OH ... 

. 87.36 

105.5 

124.9 

147.3 

164.4 



values are represented only for the pure solvents and the mixtures hav¬ 
ing compositions of 25, 50 and 75 per cent, smooth curves having been 

.Tones, Bingham and McMaster, /Aachr. f. phqjn. Chcm. 57, 193 (1900). 

Jones and Veazey, Conductivity and Viscosity in Mixed Solvents, Carnegie Reports, 
p. 196 (1907). 

“Jones and Veazey, ZtacTir, f, phys. Chem. 62, 49 (1908), 
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drawn through these points. At intermediate concentrations the true 
curves may vary considerably from the curves as drawn, particularly at 
concentrations in the neighborhood of the axes. Nevertheless, the curves 
show in a general way the relation between the fluidity and the com¬ 
position of these mixtures. The fluidity curves of all mixtures in which 



Fig. 42. Representing the Fluidity of Mixtures of Acetone with Various Solvents at 
0° as a Function of Composition. 

water is one component are characterized by a pronounced minimum, 
which lies roughly at a composition of 50 per cent. When the fluidity 
of the second solvent differs greatly from that of water, the minimum 
is displaced in the direction of the solvent having the lower fluidity. In 
mixtures of solvents of the same type, such as methyl and ethyl alcohols, 
as well as in mixtures of the alcohols and nitrobenzol, or the alcohols and 
acetone, the curves approach more or less closely to straight lines, the 
viscosity of the mixture being throughout intermediate between that of 



ELECTROLYTES IN MIXED SOLVENTS 


189 


the two components. When the two components have nearly the same 
fluidity, the fluidity curve exhibits a slight minimum. 

It is apparent that the fluidities of mixtures in general differ con¬ 
siderably from those of the pure components and it is to be expected that 
the conductance of solutions in such mixtures will be materially affected 
by the viscosity change of the solvent. In those cases in which the elec- 



OF CoMFOi^€A/r JB; 

Fig. 43. Fluidity of Various Mixtures at 25°. 

trolyte is largely ionized, it is to be expected that the conductance of a 
solution in a mixture of two solvents will vary approximately in accord¬ 
ance with the fluidity of the mixture. At higher concentrations a similar 
correspondence between the conductance and the fluidity is to be expected 
when the ionization of the electrolyte is the same in the two solvents. In 
general, this will be the case when we have solvents which have the same 
dielectric constant, and an electrolyte which does not exhibit a marked 
tendency to form solvates. In other cases, when the ionization is 
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largely dependent upon the formation of solvates between the electrolyte 
and one or the other of the solvent components, the ionization of the 
salt in the mixture, rather than the fluidity of the mixture, will determine 
the form of the conductance curve and this will be the more true, the 
more nearly the fluidity curves are linear functions of the composition. 

In Figure 44 are shown conductance curves for solutions of tetra- 
ethylammonium iodide in mixtures of water with methyl and with 



Per Cent of Component B. 

Fig. 44. Conductance of Tetraethylammonium Iodide in Solvent Mixtures at 25° 

at F==800. 

ethyl alcohol, nitrobenzol with methyl and with ethyl alcohol, and 
methyl with ethyl alcohol.^® The data from which the curves are drawn 
are given in Table LXXVI. 

Comparing the conductance curves with the fluidity curves, it is clear 
that in these solutions of tetraethylammonium iodide there is a close 
correspondence between the two. The conductance curves for mixtures 
of methyl alcohol, ethyl alcohol and nitrobenzol correspond very closely 
with the fluidity curves. So, also, in mixtures of water with ethyl and 

Jones, Bingham and McMaster, loc. cit.j p. 257. 

Jones and Veazey, loc. cit., p. 44. 
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TABLE LXXVI. 

Conductance of Tetraethylammonium Iodide in Mixed Solvents 
AT 25° AT A Dilution of 800 Ljters. 


Solvent Per Cent B 


A 

B 

0 

25 

50 

75 

100 

H^O 

CH 3 OH .. 

. 100.6 

67.03 

55.17 

62.50 

105.3 

H^O 

C 3 H 3 OH . 

.. 100.6 

54.53 

38.68 

35.51 

41.46 

CeH,NOa 

CH 3 OH .. 

. 31.44 

47.91 

63.54 

80.53 

105.3 

CeH^NO^ 

C 3 H 3 OH . 

.. 31.34 

37.88 

41.87 

43.51 

41.46 

C,H,OH 

CH 3 OH .. 

. 41.46 

55.20 

69.44 

84.22 

105.3 


methyl alcohols, a pronounced minimum is ^ound in both conductance 
curves. Finally, in mixtures of nitrobenzol and ethyl alcohol, the con¬ 
ductance curve exhibits a slight maximum corresponding with the maxi 
mum in the fluidity curve. In general, salts which show little tendency 
to form stable complexes with water, in other words, those salts whicl 
exhibit a negative viscosity in aqueous solutions, yield conductance 
curves closely resembling those for tetraethylammonium iodide. It may 
be noted, however, that the conductance for tetraethylammonium iodide 
in methyl alcohol is abnormally high, being in fact somewhat greater 
than that of the same salt in water. In general, the conductance of salts 
in methyl alcohol is somewhat lower than that of salts in water, even 
though the viscosity of water is greater than that of methyl alcohol. The 
curves for solutions of other binary salts do not differ materially from 
those of tetraethylammonium iodide. In the case of electrolytes of this 
type, the ionization in a given solvent is near the maximum and is not 
appreciably affected by the addition of a small amount of another solvent. 
Moreover, the ionization of typical salts in these solvents does not differ 
greatly at concentrations approaching 10 '^ normal. The form of the 
conductance curves, therefore, is determined primarily by the fluidity 
of the solvent mixtures. 


TABLE LXXVII. 

Conductance of Solutions of Potassium Iodide in Mixtures of 
Acetone with Methyl and Ethyl Alcohols and Water at 0°. 


Per Cent Acetone .. 0 25 50 75 100 


H^O . 78.0 47.8 37.5 44.1 120.01 

CH 3 OH . 71.7 83.9 94.1 106.5 120.0^7 =: 1600 

C 2 H 5 OH . 28.6 40.1 61.3 84.8 120.0j 

H 2 O . 76.7 44.6 36.3 41.6 100.41 

CH 3 OH . 65.7 74.1 82.7 93.1 100.417 = 200 

C 2 H 5 OH . 22.0 35.5 52.2 72.0 100.4] 
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In Table LXXVII are given values for the conductance of potassium 
iodide at 0° in mixtures of acetone with methyl and ethyl alcohols and 
water at the concentrations V = 1600 and V = 200. The results are 
shown graphically in Figure 45. It is apparent that in solutions of potas¬ 
sium iodide in mixtures containing acetone, the general form of the con¬ 
ductance curves corresponds with that of the fluidity curves. However, 
the deviations from the fluidity curves in these solutions are considerably 



Per Cent Acetone. 

Fig. 45. Conductance of Potassium Iodide in Acetone Mixtures at 0® at Dilutions 

V — 200 and 7^:1600. 

greater than in solutions of tetraethylammonium iodide in mixtures of 
the alcohols and water. This is doubtless due to the relatively low 
ionizing power of acetone and its selective action upon different electro¬ 
lytes, as well as upon the exceptionally high value of the fluidity of pure 
acetone with respect to that of the other solvents. The concentration 
change from a dilution of 1600 to 200 has only an immaterial influence 
upon the form of the curves. 

The ionization of acetone solutions of salts which exhibit a marked 
tendency to form complexes with water, or other solvents, is very low. 
Under these conditions, the change in the ionization of the electrolyte due 

Jones, Bingham and McMaster, loo. cit., p. 193, 
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to the addition of a second solvent becomes apparent. In Table 
LXXVIII are given values for the conductance of lithium bromide in 
mixtures of acetone with methyl and ethyl alcohols and water.^® 

TABLE LXXVIII. 

The Conductance of Lithium Bromide in Mixtures of Acetone 
WITH Methyl and Ethyl Alcohols and Water at 0°. 

Per Cent Acetone 0 25 50 75 100 


HgO . 56.12 35.71 28.34 31.65 70.89] 

CH 3 OH . 57.63 60.38 67.02' 84.15 70.89^7=1600 

C 2 H 5 OH . 20.79 29.21 50.98 66.28 70.89] 

H 2 O . 47.25 28.82 21.70 24.00 11.91] 

CH 3 OH . 35.92 35.03 34.27 29.77 11.91^7 = 10 

C 2 H 5 OH . 10.55 14.72 19.23 19.16 11.9lJ 


The results are shown graphically in Figure 46. An examination of 
the curves shows a very complex behavior on the part of these solutions 
compared with that of solutions of potassium iodide in the same solvents. 
In mixtures of acetone and methyl alcohol, at the lower concentration, 



Per Cent Acetone. 


Fig. 46. Conductance of Lithium Bromide in Acetone Mixtures at 0® at 
7 = 10 and 7 = 1600. 


“ Jones, Bingham and McMaster, loc. cit., p. 257. 
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the conductance curve exhibits a pronounced maximum. The curve for 
ethyl alcohol mixtures exhibits a pronounced inflection point, while that 
for water merely exhibits a minimum corresponding to the minimum in 
the fluidity curve of the mixtures of acetone and water. At the higher 
concentration, the curve for water initially rises steeply to a very flat 
maximum and minimum, after which it rises with increasing concentra¬ 
tion of water, the curve corresponding roughly to the fluidity curve of the 
mixtures within the region of these compositions. The conductance of 
solutions in mixtures of acetone and methyl alcohol rises sharply for 
initial additions of methyl alcohol, after which it remains practically 
constant until the axis of the pure methyl alcohol is reached. With ethyl 
alcohol the conductance likewise increases markedly for the initial addi¬ 
tions. Thereafter, the curve passes through a maximum, after which it 
gradually diminishes to the final value of the conductance in pure ethyl 
alcohol. It is only in solutions in which the percentage of ethyl alcohol 
has fallen as low as 25 per cent that the curves begin to approach in form 
the fluidity curves of the mixtures. For mixtures containing larger 
amounts of acetone the form of the curve is due largely to the change in 
the ionization of the electrolyte. On the addition of a second solvent to 
acetone, the ionization of lithium bromide is greatly increased. In the 
water mixtures, the viscosity is increased so greatly for small additions 
of this solvent that the conductance diminishes. In the case of methyl 
alcohol, however, the fluidity is only slightly reduced by the addition of 
alcohol and consequently the conductance curve rises initially due to the 
increased ionization of the salt. At higher concentrations of alcohol, 
however, the increasing viscosity of the solvent finally makes itself felt 
and the conductance again falls. At the higher concentration of the salt, 
the addition of water causes a sufficient increase in the ionization of the 
electrolyte to overbalance the decrease due to the decreasing fluidity of 
the mixture. Initially, therefore, the conductance curve for lithium 
bromide in the mixture increases with the addition of water, passing 
through a slight maximum, after which the curve approximates the 
fluidity curve of the solvent. 

As a rule, higher types of salts are ionized to a much smaller extent 
than are binary electrolytes, particularly the salts of metals which exhibit 
a pronounced tendency to form solvates with water. In Table LXXIX 
are given values for the conductance of calcium nitrate in mixtures of 
acetone with methyl and ethyl alcohols and water.^® 

The relation between the conductance and the composition of these 
mixtures is shown graphically in Figure 47. It is evident that solutions 
of calcium nitrate in mixtures containing acetone present a very complete 

^o^es, Binjgham and McMaster, iqc, cit.j p. 19§. 
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TABLE LXXIX. 

Conductance of Solutions of Calcium Nitrate in Mixtures op 
Acetone with Methyl and Ethyl Alcohols and Water at 0°. 

Per Cent Acetone 0 25 50 75 100 


H^O . 128.3 80.0 66.2 76.7 10.361 

CH3OH. 77.2 82.6 79.2 64.2 10.36V7 = 1600 

CjHjOH . 18.81 31.6 38.0 36.2 10.36J 

H2O . 89.8 55.0 42.2 31.3 4.441 

CH 3 OH . 18.98 17.76 13.82 8.10 4.44^7 = 10 

CjHjOH . 5.13 6.01 6.00 4.80 4.44J 


relation between conductance and composition. This is particularly true 
of the acetone-water mixtures. Solutions of calcium nitrate in acetone 
are ionized to a very slight extent, even at high dilutions. The limiting 
equivalent conductance of binary electrolytes in acetone has a value of 
approximately 170. The limiting value of the equivalent conductance of 



Per Cent Acetone. 


Fig. 47 . Conductance of Calcium Nitrate in Acetone Mixtures at 0° at 
F = 10 and F = 1600. 
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calcium nitrate is obviously of the same order. Even at a dilution of 
1600 liters, therefore, calcium nitrate is ionized less than 10 per cent. 
The addition of hydroxy-compounds, which tend to form stable complexes 
with calcium salts, causes an enormous increase in the conductance of 
solutions of this salt in acetone, even though the amount of the second 
component added is relatively small. The curves as drawn are only 
rough approximations and it is not improbable that the initial conduct¬ 
ance increase is even greater than indicated in the figure. Owing to the 
increased ionization of calcium nitrate on the addition of water, there¬ 
fore, the conductance rises enormously, even though the speed of the ions 
is greatly depressed on the addition of water. As a consequence, the con¬ 
ductance curve on addition of water passes through a pronounced maxi¬ 
mum at a composition at or above 75 per cent of acetone. On the 
addition of further amounts of water, the conductance curve follows, 
roughly, the fluidity curve of the solvent mixture. The addition of 
methyl alcohol likewise results in an increase in ionization, although this 
increase is much lower than in the case of water. The conductance curve, 
therefore, passes through a comparatively flat maximum at a composition 
in the neighborhood of 25 per cent of acetone. The ionization of calcium 
nitrate dissolved in a mixture of methyl alcohol and acetone therefore 
has not reached a value corresponding to that of a normal electrolyte, 
even when as much as 75 per cent of methyl alcohol has been added. 
The addition of ethyl alcohol causes a marked increase in the conductance, 
although considerably less than that due to methyl alcohol. The curve 
passes through a distinct maximum, after which the conductance de¬ 
creases, chiefly owing to the decrease in the fluidity of the mixture. 

At the higher concentration, the curves are greatly modified. Again, 
the ionization of the electrolyte is greatly increased on addition of the 
second solvent, as is indicated by a marked increase in the conductance 
of the solutions. In the case of water, the curve exhibits a marked inflec¬ 
tion point in the neighborhood of the composition containing 50 per cent 
of alcohol and water. At these higher concentrations, therefore, solu¬ 
tions of calcium nitrate in mixtures of acetone and water exhibit an 
ionization much below that of normal electrolytes. The curve, on addi¬ 
tion of methyl alcohol, shows a continuous increase in the conductance 
throughout its course. That for ethyl alcohol shows a slight increase 
only, the curve exhibiting a very flat maximum. At the higher concen¬ 
trations of the salt, therefore, the addition of ethyl alcohol causes only 
a relatively small increase in the conductance of calcium nitrate. Actu¬ 
ally, however, the ionization is considerably increased on the addition of 
ethyl alcohol, since the fluidity of the ethyl alcohol mixture is much lower 
than that of pure acetone. 
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Extensive data are available which show that the examples given 
above are typical of the behavior of solutions of electrolytes in mixed 
solvents. The data do not have sufficient precision to make it possible 
to determine the values of Aq in the mixtures, for which reason it is 
necessary to consider only the general outline of the conductance curves. 
It is evident that, in the case of solutions of salts which are highly ionized, 
the conductance curves parallel the fluidity curves. If, however, the 
electrolyte is only slightly ionized in one of the solvents, the addition of 
the second component may cause a large shift in the conductance values 
due, primarily, to a large change in the ionization of the electrolyte. It 
should be noted that, whenever the fluidity of the solvent medium 
changes, whether under the action of pressure or temperature, or whether 
through a change in the viscosity of the medium due to the presence of 
the electrolyte itself or due to the presence of a non-electrolyte, the con¬ 
ductance is affected by the viscosity change, and, while the conductance 
may not change in direct proportion to the fluidity change of the medium, 
nevertheless the effect of fluidity change is very marked. These facts are 
in entire accord with our notions as to the nature of the conduction 
process. On the other hand, it is clearly evident that the conductance is 
likewise dependent upon some other factor, namely the ionization. The 
ionization is a function, in the first place, of the dielectric constant of 
the solvent medium, as well as of the concentration of the electrolyte. 
In the second place, however, the ionization is greatly affected by inter¬ 
action between the dissolved electrolyte and the solvent medium. Ap¬ 
parently, complexes are formed between the dissolved electrolyte and the 
solvent, which are largely ionized. Certain solvents, such as acetone, 
for example, appear to have a very small tendency to form complexes. 
When salts, which exhibit a marked tendency to form complexes, are 
dissolved in solvents of this type, the resulting ionization is relatively 
low. This effect is marked in the case of salts of the alkali metals. 
Salts of sodium, potassium, rubidium and caesium are very largely 
ionized in all solvents, apparently without exception, whereas the salts of 
lithium exhibit a markedly lower ionization in many solvents, as for 
example in acetone. As is well known, lithium salts exhibit a great 
affinity for hydroxy-solvents, and apparently the formation of a complex 
is a necessary condition for ionization in the case of salts of this type. 

In comparing the ionizing power of different solvents, therefore, it is 
necessary to select such electrolytes as exhibit the least tendency to form 
complexes. This has in general been done by various writers on this 
subject. Nevertheless, it should be borne in mind that the possibility 
always exists that a given electrolyte in a given solvent may exhibit 
exceptional properties. 


Chapter VIII. 

Nature of the Carriers in Electrolytic Solutions. 

• 1. Interaction between the Ions and Polar Molecules. The results 
given in the preceding chapter indicate that an equilibrium exists between 
the ions, and possibly the un-ionized fraction, of a dissolved electrolyte 
and the molecules of an added non-electrolyte of the polar type. If 
reactions of this type take place between a non-electrolyte and an elec¬ 
trolyte, both of which are present in relatively small amounts in the 
solvent medium, then there is all the more reason for believing that 
reaction takes place between the electrolyte and the non-electrolyte when 
the latter is present in large excess. Apparently, the ions in solution do 
not consist merely of the charged groups present in the original salt, 
but rather of these groups associated with the solvent. Where the ions 
possess great tendency to form definite complexes with the solvent, as is 
the case, for example, with the calcium ion in water and the silver ion in 
ammonia, a portion of the solvent is present in the form of a definite 
chemical compound. In addition to this, however, an ion may con¬ 
ceivably be associated with a further amount of solvent as a result of the 
charge on the ion and the electrical mom^t of the solvent molecules. 

2. Hydration of the Ions in Aqueous Solution. It has been defi¬ 
nitely established that in aqueous solutions certain ions are hydrated; ^ 
that is, in passing through the solution they carry water with them. 
Since the conductance values of all ions in water are of the same general 
order of magnitude, it follows that all ions are in all likelihood hydrated, 
save, perhaps, the highly complex ions. 

If the ions are hydrated, then, in the course of a transference experi¬ 
ment, water will be transferred toward one electrode or the other. If 

represents the number of molecules of water associated with the 
anion and the number of molecules of water associated with the 
cation and if is the fraction of the current carried by the anion, .that 


^Lobry de Bruyn, Rec. Trav. Chim. 22, 430 (1903) ; Morgan and Kanolt, J. Am Chem 
Soo. 28, 572 (1906) ; Bucbbock, Ztschr. /. phys. Chem. 55, 563 (1906) ; Washburn, J Am' 
Chem. Soc. 31, 322 (1909) ; Washburn and Millard, J. Am. Chem. Soc. 37, 694 (1915). 
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is, if this is the true transference number of the anion, and if is the 

true transference number of the cation, then according to Washburn ^ 
the net transfer of water per equivalent of electricity passing through 
the solution will be: 


(47) 


— AT^ 


where is the net transfer of water per equivalent of electricity. 

In general, therefore, the passage of a current through a solution will 
be accompanied by a net transfer of water, whose value is per 

equivalent of electricity. This transfer of water may be determined by 
introducing into the solution a substance which itself takes no part in 
the transfer of the charge. The change in the concentration of the water 
with respect to this reference substance will give the transfer of water, 
and the change in the concentration of the salt with respect to the same 
reference substance will give the true transference number of the salt at 
the same time. It follows, therefore, that if the true transference num¬ 
ber of the salt and the net transference number of the water are known, 
the relative amounts of water associated with the two ions may be deter¬ 
mined. As ordinarily carried out, transference experiments in which 
water is employed as reference substance yield, not the true transference 
number, but a transference number differing therefrom by an amount 
depending upon the relative amount of water transferred. The relation 
between the true and the ordinary transference number is given by the 
equation: 

(48) = 

V wy 


where is the ordinary transference number of the cation and 

w 

is the ratio of the number of mols of salt to that of water in the solution. 
If transference measurements on various electrolytes with a common ion 
are carried out, then the relative hydration of the uncommon ions may 
be determined. The absolute hydration of the ions is of course not 
determinable. In Table LXXX are given values of the true transference 
number, the ordinary transference number, and the water transference 


* Washburn, loc, cit. 
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number for different electrolytes in water at a concentration of 1.2 
normal at 25^. 


TABLE LXXX. 

Tbansference Numbers op Electrolytes and Solvent For 
Aqueous Solutions. 



HCl 

CsCl 

KCl 

NaCl 

LiCl 

rpC 

. 

...... 0.844 

0.491 

0.495 

0.383 

0.304 

rpC 

0 

. 0.820 

0.485 

0.482 

0.366 

0.278 

nI . 

...... 0.24 

0.33 

0.60 

0.76 

1.5 


V) 


In solutions of these electrolytes, the net transfer of water takes 
place from the anode to the cathode, as shown by the values given in the 
F 

table for N^. In these cases, correspondingly, the true transference 

numbers of the cations are larger than the ordinary transference num¬ 
bers. It is obvious from Equation 48 that, as the concentration of the 
solution decreases, the ordinary transference number approaches the 
true transference number. The relation between the water carried by 
the cation and that by the chloride ion is evidently given by the fol¬ 
lowing equations: 



= 0.28 


1.085 

"S' 

N^- 

w 

= 0.67 

■ + 

1.03 

nOI 

w 

-- 

w 

= 1.3' 

+ 

1.02 

w 

jyNa_ 

w 

= 2.0 

+ 

1.61 

w 

w 

= 4.7 

+ 

2.29 

^C1 

w 


Since the hydration of the chloride ion is not known, the absolute hydra¬ 
tion of the various cations may not be determined. If, however, a value 
is assumed for the hydration of the chloride ion, then the hydration of the 
other ions may at once be calculated by means of these equations. The 
values of the hydration of the different cations for different assumed 
values for the hydration of the chloride ion are given in the following 
table: 
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TABLE LXXXI. 

Calculated Hydration of the Ions for Different Assumed Values 
FOR THE Hydration of the Chloride Ion. 


^C1 

V) 

w 

w 

jvK 

w 

^Na 

w 

w 

0 

0.28 

0.67 

1.3 

2.0 

4.7 

4 

1.0 

4.7 

5.4 

8.4 

14. 

9 

2.0 

9.9 

10.5 

16.6 

25.3 


The assumption that the chloride ion is un-hydrated is improbable, 
since the conductance of the chloride ion is very nearly equal to that of 
the potassium ion. The value assumed for the hydration of the chloride 
ion should therefore differ little from that of the potassium ion. This 
necessitates assuming for the chloride ion a value not materially less 
than 4. In all likelihood the true value lies somewhere between 3 and 9, 
although the true value must necessarily remain uncertain. Below are 
given the values of the ionic conductance for the different ions at 18°, 
together with the ratio of these conductances to that of the hydrogen ion. 

TABLE LXXXII. 


Comparison of Ionic Conductances and Hydration Numbers. 



^C1 




^Na 



V) 

w 

w 

w 

w 

w 

Hydration No. .. 

.. 4.0 

1.0 

4.7 

5.4 

8.4 

14.0 

Ionic Cond. 

.. 65.5 

315. 

68.0 

64.5 

43.4 

33.3 

315/A . 

.. 4.8 

1.0 

4.6 

4.9 

7.3 

9.5 


It is seen that the values of the ionic conductances relative to that 
of the hydrogen ion correspond roughly with the values of the hydration 
of the different ions, assuming the hydration of the hydrogen ions to be 
unity. An exact correspondence between the hydration and the con¬ 
ductance is not to be expected. Nevertheless, except in the case of the 
caesium and the chloride ions, the order of the reciprocal conductance 
values corresponds with the order of the hydration numbers. The 
chloride, caesium, and potassium ions are among the most rapidly mov¬ 
ing ions in water, excepting the hydrogen and hydroxyl ions, and it may 
therefore be concluded that all ions in water are hydrated at least as 
much as the chloride ion. It is possible, of course, that the hydration 
numbers may be considerably larger than those assumed on the basis 
of an hydration of 4 for the chloride ion. How the hydration of the ions 
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varies with the temperature and the concentration is not known. If 
the absolute hydration of the ions is large, then it is to be expected that 
the hydration will change at higher concentrations. It is possible, 
therefore, that at concentrations below 1.2 normal the hydration of the 
ions may be considerably greater than at the higher concentration. 

As we have seen in an earlier section, at higher temperatures the 
conductance of the more rapidly moving ions approaches that of the 
more slowly moving ions. At the same time, as we have seen, the con¬ 
ductance of the more slowly moving ions changes almost in exact pro¬ 
portion to the fluidity change of the solvent. It may be concluded, 
therefore, that, at higher temperatures, the hydration of the more rapidly 
moving ions increases and approaches that of the more slowly moving 
ions, such as that of the lithium ion. It is probable, therefore, that as 
the temperature increases the net transference of water diminishes, while 
the absolute amount of water associated with the ions increases. 

3. Calculation of Ion Dimensions from Conductance Data. Lorenz 
has calculated the ion dimensions from the ion conductances, by means 
of the Einstein-Stokes equation. The values obtained for the ion 
dimensions have been compared with those obtained by other methods, 
as determined from the density of substances in a condensed state, assum¬ 
ing close packing of the molecules. For ions containing a large number 
of atoms, particularly large organic anions and cations, the calculated 
values from the conductance data agree well with those derived by other 
methods. In the case of the simpler ions, however, a similar agreement 
has not been found. In the case of the alkali metals, for example, 
lithium, which has the smallest atomic volume, has the lowest conduct¬ 
ance, while caesium, with the largest atomic volume, has the highest 
conductance. It has generally been assumed that the reversal in the 
order of the conductance of the ions of the alkali metals is due to 
hydration. 

Born and Lorenz consider that the Einstein-Stokes equation is 
applicable even in the case of small ions and that the observed diverg¬ 
ence is due to electrical interaction between the charge on the ions and 
the adjacent solvent molecules. This electromagnetic frictional effect 
is the greater, the smaller the volume of the ion. The total frictional 
effect which the ion experiences is thus the sum of two effects, one of 
which decreases and the other of which increases with decreasing ionic 
diameter. The function which expresses the ionic resistance in terms 

2a Lorenz, ZtscJir, f. Elektroch. 26, 424 (1920) ; Ztschr. f. phys. Chem. 73, 252 (1910) : 
also, numerous articles in the Ztschr. f. Anorg. Chemr. 

21^ Einstein, An7i. d. Phys. 17, 549 (1905). 

2c Born, Ztschr. f. Elektroch. 26, 401 (1920). 

*<1 Lorenz, loc. dt. 
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of the ionic diameter therefore passes through a minimum. In this way 
Born accounts for the diminishing values of the ion conductance with 
decreasing volume in the case of the simpler ions. 

The constants involved in the equation for the electro-frictional effect 
are somewhat uncertain. In any case, these constants should depend 
solely upon the properties of the solvent medium, assuming an ion of 
fixed dimensions. 

The correctness of this theory appears somewhat doubtful. In the 
first place, it is difficult to account for the fact that at higher tempera¬ 
tures the ion conductances in aqueous solutions approach the same value. 
While it is true that the dielectric constant of the medium varies with 
the temperature, an effect of the order of that observed in aqueous solu¬ 
tions is scarcely to be expected. More convincing, perhaps, is the rela¬ 
tion of the ion conductances in non-aqueous solutions. If the theory of 
Born and Lorenz is correct, the order of the ion conductances should be 
the same in different solvents. This is by no means the case. For exam¬ 
ple, as may be seen from the values of the ion conductances in liquid 
ammonia given in an earlier chapter, the conductance of the silver ion 
is markedly lower than that of the sodium ion in ammonia; while in 
water the conductance of the sodium ion is much smaller than that of the 
silver ion. Again, the conductance of the ammonium ion in ammonia is 
practically identical with that of the sodium ion, whereas the conduct¬ 
ance of the ammonium ion in water is almost identical with that of the 
potassium ion. While the conductance of the lithium ion in water is 
much smaller than that of the silver ion, the conductance of the lithium 
ion in ammonia differs but little from that of the silver ion. So, also, 
in the case of anions, the conductance of the nitrate ion is identical with 
that of the iodide ion in ammonia, while in water it is much smaller. 
Similarly, the conductance of the chloride ion in ammonia is markedly 
greater than that of the iodide ion; whereas in water the conductance of 
the iodide ion is greater than that of the chloride ion. An examination 
of the conductance values of electrolytes in other non-aqueous solvents 
shows that here, too, the order of ion conductances is a characteristic 
property of the solvent medium and of the dissolved electrolytes. For 
example, in acetone the conductance values of the lithium, sodium and 
potassium ions are practically identical; while the conductance of the 
ammonium ion is markedly greater than that of the potassium ion. 
While in water the conductance of the sulphocyanate ion is markedly 
lower than that of the iodide ion, in acetone the conductance of this ion 
is greater than that of the iodide ion. So, also, in pyridine the con- 
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ductance of the sulphocyanate ion is markedly greater than that of the 
iodide ion. 

It is evident that, applied to solutions in non-aqueous solvents, the 
theory of Born and Lorenz meets with great difficulties. The values of 
the ion conductances in different solvents are in much better agreement 
ocQnTYintion that the differences in the ion velocities of the 
T the size and nature of the complexes 
Avent medium. An ion will, in gen- 
, medium with which it has a great 
the other hand, in media with 
2 SS pronounced, its conductance 
nd ammonium ions in ammonia 
in acetone, sodium and lithium 
e properties of solutions of these 
xx.v^.v.^ue a high solvation in ammonia 
vauiuii in acetone solutions. 

_jtrated by means of transference measurements in 

)lutions that the alkali metal and hydrogen ions are hydrated, 
wniie rne absolute degree of hydration remains uncertain, it is probably 
safe to assume that the hydration of the hydrogen ion is not less than 
unity, which requires a hydration in the neighborhood of 5 for the 
potassium ion and 14 for the lithium ion. 

As we have seen in Chapter V, the relation between the conductance, 
i.e., the speed of an ion, and the viscosity of the medium through which 
it moves is anything but simple. The conductance of ions of small 
dimensions is not proportional to the fluidity of the ionizing solvent. 
On the addition of a second non-ionic component, the conductance change 
of the ion is approximately proportional to the fluidity change of the 
medium only when the molecules of the added substance are small. 
When the dimensions of the molecules of the added substance are large 
compared with those of the ions, the conductance change is invariably 
smaller than the fluidity change. 

Finally, Dummer has measured the diffusion coefficients of a num¬ 
ber of organic solvents of varying molecular volume in one another and 
compared his results with one another by means of the Einstein-Stokes 
equation. The molecular dimensions found for the same substance in 
different solvents do not agree well with one another. The Einstein- 
Stokes equation should be applied with caution to systems of particles 
of molecular dimensions. 

Dummer, Ztschr. f. anorg. Uhem. 109, 31 (1919). Compare also, oholm, Medd K 
Vetcna-Ahad^a Nobelinstitiit^ Nos. 23, 24 and 2G (1912). 


CARRIERS IN ELECTROLYTIC SOLUTIONS 


205 


4. The Hydrogen and Hydroxyl Ions. In aqueous solutions, the 
hydrogen and hydroxyl ions appear to occupy a more or less unique 
position. They are characterized by the exceptionally high value of their 
ionic conductance. At 0°, the hydrogen ion moves approximately 10 
times as fast as the acetate ion, or approximately 5 times as fast as the 
potassium ion. At the same temperature the hydroxyl ion moves from 
5 to 6 times as fast as the acetate ion. The question as to the cause of 
the high values for the conductance of these two ions in water naturally 
arises. A more or less obvious explanation is: that these ions are 
hydrated to a much smaller extent than are the other ions; or, in other 
words, they are relatively smaller than the other ions. This view, more¬ 
over, is supported by the results obtained from transference experiments.. 
As was shown in the preceding section, the amount of water associated 
with the hydrogen ion is much smaller than that associated with any 
other positive ion for which data exist. It might be expected, therefore, 
that the speed of the hydrogen ion would have an abnormally high value 
because of its low hydration. Presumably, a similar explanation would 
hold in the case of the hydroxyl ion, although here we have no data as 
to the relative hydration. That the hydrogen ion is in fact hydrated, 
admits of no question. The minimum amount of water which might be 
associated with the hydrogen ion is 0.28 mol. It is improbable, how¬ 
ever, that hydrogen ions exist in water unassociated with water molecules. 
In an earlier section it was shown that the addition of water to alcohol 
solutions of the strong acids greatly diminishes the conductance of the 
acid, while the addition of water to a solution of a weak acid greatly 
increases the conductance of the acid. It may be inferred from this that 
a complex is formed between the hydrogen ion and the added water whose 
speed is much lower than that of the normal hydrogen ion in alcohol. 
In the case of the weak acids, the addition of water increases the ioniza¬ 
tion, owing to the formation of a complex between water and the acid. 

The formation of a more or less definite complex between an acid 
and water is moreover indicated by the large energy change accompany¬ 
ing the solution of acids in water. It has been suggested that the hydro¬ 
gen ion is indeed an oxonium ion, bearing the same relation to oxygen 
that the ammonium ion docs to nitrogen. The hydrogen ion would there¬ 
fore be Tliat the oxygen compounds form salt-like substances 

with the halogen acids is further borne out by the fact that oxygen com¬ 
pounds dissolved in the liquid halogen acids almost invariably yield 
electrolytic solutions, some of which are ionized almost as much as the 
typical salts.^ At the same time it has been shown that the organic 

2Archibald, Journal do Ohmic niijjaiquc, llj 741 (1013). 


206 PROPERTIES OF ELECTRICALLY CONDUCTING SYSTEMS 

substance is associated with the cation.^ In the case of sulphur, which 
element is closely related to oxygen, salts of the type RgSX are well 
known. 

Correspondingly, the ammonium salts dissolved in liquid ammonia 
exhibit all the properties of acids, and the ammonium ion exhibits the 
properties characteristic of the hydrogen ion.® If this conception regard¬ 
ing the nature of the hydrogen ion is correct, we should expect solutions 
of the acids in solvents, which do not possess the power of forming com¬ 
plexes of the type to be relatively poor conductors. Such indeed 

appears to be the case. Dissolved in the alcohols, hydrogen chloride 
conducts fairly well; while dissolved in acetone,® hydrogen chloride 
yields a solution of very low conducting power. In view of the fairly 
high dielectric constant of acetone, it is difficult to account for this be¬ 
havior of the acid except on the assumption that in this case there is 
little tendency to form the oxonium complex. There are no data to indi¬ 
cate that hydrogen chloride is a conductor when dissolved in sulphur 
dioxide or any other solvent which does not contain oxygen, nitrogen or 
other atoms capable of forming complexes. 

These various facts indicate that the hydrogen ion in water is, in 
fact, not a hydrogen ion, but an oxonium ion. Whether the charge is 
associated with the hydrogen or with the oxygen atom cannot be deter¬ 
mined in this case any more than it can in that of the similar ammonium 
salts. It appears likely, however, that in salts of this type the charge 
is associated either with the oxygen or nitrogen atom, or with the group 
as a whole, rather than with one of the hydrogen atoms. 

5. Ions of Abnormally High Conductance. Certain writers have 
sought to relate the abnormally high conductance of the hydrogen and 
hydroxyl ions with the fact that these ions are products of the ionization 
of the solvent itself.'^ They have therefore adopted a theory founded 
upon the old theory of Grotthuss,® according to which the mechanism of 
the conduction process consists, not in a transfer of the ions through the 
solution, but in an ordered arrangement of the polar molecules of the 
electrolyte, alternately positive and negative, in accordance with the im¬ 
pressed field. An interchange of positive and negative carriers takes 
place between adjacent molecules resulting thus in a separation of the 
products at the two electrodes. The work of Faraday and Hittorf has 
definitely overthrown the theory of Grotthuss, but these later writers 

^Steele, McIntosh and Archibald, Ztschr. f. phys. Ohem. 55, 176 (1906). 

® Franklin and Kraus, Am. Chem. J. 2S, 304 (1900) ; Franklin and Stafford, Am. 
CJiem. J. 28, S3 (1902) ; Franklin, Am. Chem. J. Jf7, 285 (1912). 

®Lucasse, Thesis, Clark Univ., 1920. 

^Dpneel, Ztschr. J Electroch. 11, 249 (1905); Hant^sch and Caldwell, Ztachr. f. 
phys. Chem. 58, 575 (1907). '' 

8 4 tin. cl,. Chim. 58^ 54 (1806). 
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that, in the case of the hydrogen and the hydroxyl ions in water, 
n ixiterchange takes place between the ions and the solvent molecules 
^ith the result that the mean path over which these ions travel is reduced 
jDiroportion to the effective diameter of the solvent molecules which are 
oticorned in the interchange. A priorij there is nothing to indicate that 
his [hypothesis may not be correct. If it is correct, however, it must 
sad. to certain definite consequences which we may now examine. 

1 x 1 the first place, it is to be expected that a similar phenomenon will 
•e found in solutions in non-aqueous solvents which are capable of 
OLmishing ions. In the case of liquid ammonia an equilibrium exists of 
he type: 


r, perhaps, 


NH3i=NH2“ + H- 


2NH3 = NH2“ + NH,% 


vhere NH/ is the ammonium ion and NHg” is the basic ion of liquid 
.mmonia. That such an equilibrium exists, is indicated by the fact that 
ertain ammonolytic equilibria exist in ammonia solutions comparable in 
11 respects with hydrolytic equilibria in aqueous solutions.® On the 
>asis of the above hypothesis, we should expect that the ammonium ions 
.nd the NHa" ions would exhibit an exceptionally high conducting power 
a liq[uid ammonia solutions. As may be seen by referring to the table 
»f ionic conductances in Chapter II, the amide ion in liquid a mm onia 
>ossesses a conducting power markedly lower than that of typical nega- 
ive ions, while the conductance of the ammonium ion is distinctly lower 
ha.n that of the potassium ion. It follows, therefore^ that in ammonia 
olntions the ammonium and the amide ions are in no wise exceptional. 
1 ha.s been maintained that the conductance of the alcoholate ion in the 
ilcohols is abnormally high. According to the best data available, how¬ 
ever, the conductance of the alcoholates in alcohol^® is of the same order 
IS tlia,t of typical salts in these solvents. 

a result of conductance and transference measurements with the 
’ormates in formic acid it has been shown that the formate ion in formic 
icid possesses an exceptionally high conducting power. While the pre- 
use "values are somewhat uncertain, roughly, the ionic conductances of 
die sodium, potassium and formate ions in formic acid at 25° are 14.6, 
L7.5 a.nd 51.6.^^ The limiting value of the conductance of hydrochloric 
rcid in formic acid is approximately 75, compared with the value 69.4 


• n'ranklln, J. Am. Ghcm. 8oc. 27, 820 (1905). 

Itobei*t8on and Acree, Intern, Congr. Appd. Cliem. [8] 609 (1912). 

SchlcHinger and Bunting, J. Am. Chem. Soc. J/l, 

^(ihlesingcr and Martin, «/. Am. Chgm. Soc. 36^ 1618 (1914). 
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for potassium formate, for example. Since the transference number of 
hydrochloric acid in formic acid is not known, it is uncertain whether 
or not the hydrogen ion in formic acid possesses an abnormally high 
conducting power. The evidence, however, indicates that the chloride 
ion possesses a conducting power not greatly smaller than that of the 
formate or hydrogen ion. The limiting value of the conductance of 
ammonium chloride can scarcely be lower than 52.^^ The value is some¬ 
what uncertain because of the solvolytic reaction between the salt and 
the solvent. However, assuming probable values for the ionization con- 
jtants of ammonium formate and hydrochloric acid and pure formic acid, 
t can be shown that the fraction-of salt transformed to acid and base 
3 y reaction with the solvent cannot affect the conductance by more than 
i few units. If we assume, therefore, the value 52 for the limiting value 
)f the equivalent conductance of ammonium chloride, and assuming for 
the conductance of the ammonium ion the value 18.8, which follows from 
the value 70.4 for the limiting value of the equivalent conductance of 
ammonium formate, we obtain for the limiting value of the conductance 
of the chloride ion the value 33.2 and for the hydrogen ion 42.8. This 
indicates that the conductance of the hydrogen ion in formic acid does 
not differ greatly from that of the chloride ion in the same solvent. The 
exceptionally high value found for the conductance of the hydrogen and 
the formate ions, like that of the chloride ion, is presumably due to the 
relatively smaller dimensions of these ions compared with those of the 
positive ions in formic acid. 

It has also been suggested that the pyridonium ion, CeHgNH'', pos¬ 
sesses an abnormally high conducting power in pyridine.^^ This, how¬ 
ever, rests upon a false accepted value for the conductance of typical 
salts in pyridine. The conductance of pyridine hydrochloride at a dilu¬ 
tion of 32 liters and 25° in pyridine has been found to be 27.4. The 
conductance of sodium iodide in pyridine at a dilution of 57.7 liters and 
18° is 23.6.^® In general, at these concentrations, the conductance of 
solutions in pyridine changes but little with concentration. Conse¬ 
quently the conductance of sodium iodide in pyridine at 32 liters would 
differ but little from that at the lower concentration. On the other hand, 
the conductance at 18° is materially lower than at 25° because of the 
greater viscosity of the solution at the lower temperature. Assuming a 
viscosity correction of two per cent per degree the conductance of sodium 
iodide at 25° would be approximately 27.0. In other words, the con- 

Schlesinger and Calvert, J. Am. Chem. Soc. 33j 1924 (1911). 

Hantzsch and Caldwell, loo. cit. 

Ottiker, Dissertation, Lausanne (1907); Kraus and Bray, J. Am. GJiem. Soc. S5j 
1379 (1913). 
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ductance of a typical salt in pyridine differs but little from that of a 
salt of the solvent itself. 

While, therefore, there are cases in which the ions common to the 
solvent exhibit an abnormally high conducting power, as they do in 
water at ordinary temperatures, there are other cases in which the con¬ 
ducting power of these ions is entirely normal. In this connection it is 
to be borne in mind that with rising temperature the speed of the hydro¬ 
gen and hydroxyl ions in water approaches that of the more slowly 
moving ions. At 306° the conductance of the hydrogen ion differs from 
that of the potassium ion less than the conductance of the potassium ion 
differs from that of the acetate ion at ordinary temperatures. As has 
been pointed out, the relative decrease in the speed of the more rapidly 
moving ions at higher temperatures is due to the increase in the size 
of the more rapidly moving ions. It seems more rational, therefore, to 
ascribe the abnormally high speed of the hydrogen and hydroxyl ions in 
water to the low value of their hydration, which moreover is in accord 
with the experimentally determined values of the relative hydration of 
the different ions in water at ordinary temperatures. 

While it cannot be definitely stated that all hydrogen ions in water 
are associated with at least one molecule of water, it nevertheless appears 
probable that such is the case. Were the hydrogen ion unhydrated, we 
should expect a much greater value for the conductance of the hydrogen 
ion. In the case of liquid ammonia solutions, it has been shown that the 
speed of the negative electron, which at low concentrations is associated 
with at least one ammonia molecule, is approximately seven times that of 
the sodium ion. It seems not unlikely that the negative electron in dilute 
solutions is actually associated with a greater number of ammonia mole¬ 
cules. Taking all these facts into consideration, it appears probable that 
the hydrogen ion is associated with at least one molecule of water. 

It is evident that our conception as to the nature of the ions has 
undergone a great amplification during the past twenty years. Prior to 
that time the ion of an element was looked upon merely as an atom of 
the element associated with a charge. Now, however, we know that the 
ions consist of more or less definite complexes containing the solvent, and 
the nature and dimensions of these complexes depend, not alone upon 
the properties of the electrolyte and of the solvent, but also upon the 
condition under which the solution exists, such as concentration, tempera¬ 
ture, pressure, etc. 

6. The Complex Metal-Ammonia Salts. A number of salts of the 
heavy metals, particularly those of cobalt, chromium and the platinum 
metals, form series of compounds with ammonia in which there appears 
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a remarkable relationship between the number of ammonia molecules 
associated with the complex salt and the properties of the salt, both in 
solution and in a crystalline state. While the compounds containing 
ammonia, or ammonia derivatives, are, in general, the most stable repre¬ 
sentatives of this class, many other compounds are known where other 
molecules function in a manner similar to those of ammonia. These 
complex salts have been studied extensively by a number of investigators, 
notably by Werner,’-® who has proposed a theory of the constitution of 
these compounds which has met with remarkable success in accounting 
for their properties. It is not proposed to give here an extended exposi¬ 
tion of Werner’s theory, since that is beyond the scope of this mono¬ 
graph. However, a brief outline may be given here, in order to make 
intelligible the relation between the constitution of the complex metal- 
ammonia salts and their ionic properties. 

According to Werner’s theory, the strongly electronegative elements 
or groups of elements are attached to the nuclear atom by what are termed 
principal valences, while neutral groups of molecules such as ammonia are 
associated with the nuclear atom by auxiliary or secondary valences. A 
definite number of atoms or groups is always attached to the nuclear atom, 
either by principal or secondary valences, and this number, which is 
usually 6 and sometimes 4, is fixed. The number of atoms or groups so 
attached is called the co-ordination number. The charge on the nuclear 
complex depends upon the number of principal valences comprised within 
the co-ordination number. If N is the normal valence of the nuclear atom, 
C the co-ordination number of the nuclear group, and n the number of 
secondary valences satisfied in the nuclear group by neutral complexes, 
such as ammonia, etc., then the number of charges on the nuclear group 
or complex is: q = N—C + n. Usually the co-ordination number is 
6 or 4. If, for example, the co-ordination number is 6 and the normal 
valence of the nuclear atom is 4, then, ii n = 2, that is if two molecules 
are associated in the nuclear complex, q = 0, and the charge on the com¬ 
plex will be zero. If, on the other hand, n were 0, the charge on the 
nuclear complex would be — 2; that is, the nuclear complex would carry 
two negative charges. On the other hand, if n were 6, g =: -f 4; that is, 
the nuclear complex would carry 4 positive charges. Tor a co-ordination 
number 6, the maximum variation in the charge on the nuclear complex 
is from 4 positive to 2 negative charges. An example will serve to make 
the relationships elear. Platinum chloride, PtCl^, in which platinum 
appears with the principal valence of 4, forms with ammonia the follow¬ 
ing series of complexes, all of which are known except the second. 

« Werner, New Ideas on Inorganic Chemistry. Trans, by E, P, Hedley, 1911. 
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1 2 3 4 5 6 7 

[Pt(NH3)6]Cl4 [Pt^if®]K [PtC^Ka 

Chloride of Platini- Platinimono- Platini- Cossa’s Potassium 

DrechsePs Unknown diammine diammine diammine second platinum 

base chloride chloride chloride salt chloride 

Those elements or groups appearing with platinum within the brackets 
are contained in the nucleus, while those without the brackets 
carry charges and are capable of ionization. The co-ordination number 
of platinum in the nucleus is 6. The charge on the nucleus is therefore 
given by the equation q — 4: —6 + n, where n is the number of ammonia 
molecules in the complex. In the first compound [Pt(NH 3 )g]Cl 4 , n = 6 
and g = + 4. This compound therefore ionizes according to the equa¬ 
tion: [Pt(NH 3 )g]Cl 4 == [Pt(NH 3 )g]-*"^+-^ + 4CK On the other hand, in 
the compound [PtCleJEg, n=^0 and q = — 2. This compound, there¬ 
fore, ionizes according to the equation: [PtCl 6 ]K 2 = PtClg”* + 2K+. 
The manner in which the ionization takes place in the other compounds 
may obviously be derived from the equation given. If Werner^s theory 
is correct, then, when the various compounds are dissolved in water, the 
conductance of the resulting solutions should vary in correspondence with 
the. number of changes involved in the ionization reaction. At low con¬ 
centrations, the conductance of the first compound should lie in the 
neighborhood of 500; that of the third compound, in the neighborhood of 
200; that of the fourth, in the neighborhood of 100; while that of the 
fifth should be zero. On the other hand, that of the sixth should lie in 
the neighborhood of 100 and that of the seventh in the neighborhood of 
200. In solutions of these last two compounds, the platinum complex 
should appear as anion. This consequence of Werner’s theory has been 
confirmed by experiment. The conductance of the first, third, fourth, 
fifth, sixth and seventh compounds at 0° and at a dilution of 1000 liters 
are respectively: 522.9, 228, 96.75, 0, 108.5, and 256. 

The conductance of the fifth compound is actually not quite zero, 
since in solution compounds of this type are not entirely stable and reac¬ 
tion takes place with the water, wherein molecules of water enter the 
nucleus and thus produce a charged complex, the water functioning in a 
manner similar to that of ammonia. However, in many cases values of 
A less than unity have been obtained, and it has been shown that the 
conductance is a function of the time and that, moreover, the reaction is 
catalyzed at the electrode surfaces.^^^**' 

There can be no doubt but that the ionization of the complex metal- 
ammonia and other similar salts depends upon the combination of arn¬ 
ica Werner and Herty, Ztachr. /. phya^ (JlhCm. 331 (1001). 
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monia with the nuclear atom. What characterizes these compounds in 
particular is their stability. Similar relations may exist in the case of 
other salts which show a pronounced tendency to form complexes, such as 
calcium salts for example, but in these cases reaction between the com¬ 
plex and the solvent medium takes place very rapidly. The behavior of 
these complexes in water does not differ greatly from that of calcium 
chloride in propyl alcohol, whose ionization is greatly increased on the 
addition of water. On the other hand, it is to be borne in mind that in 
non-aqueous solutions those salts which exhibit only a slight tendency to 
form complexes with water are highly ionized in all cases. This is 
particularly true, for example, of potassium salts. It appears probable 
that such salts do not form complexes similar to the metal-ammonia 
salts. It is probable, however, as we have seen, that all ions are hydrated. 
It appears likely that the solvent molecules may be associated with the 
ions in several ways. Certain of the solvent molecules may be combined 
in a more or less definite manner, as in the metal-ammonia complexes, 
while other molecules may be associated with the ions due to the opera¬ 
tion of purely electrical forces. 

7. Positive Ions of Organic Bases. With the exception of ions of 
salts of organic bases and a few salts of the type of the ammonium salts, 
the positive ions consist essentially of metallic elements. This tendency 
of the metallic elements to form electropositive ions is in harmony with 
prevailing conceptions regarding atomic structure. The organic bases 
are derived from the less electropositive elements on the introduction of 
organic radicals, such as alkyl and aryl radicals, into combination with 
the nuclear element. The number of carbon radicals introduced depends 
upon the valence of the element in question, and upon its position in the 
periodic system. For elements up to the fifth group, the organic bases 
have the constitution: where n is the maximum valence of the 

element with respect to negative elements. For elements of the fifth to 
the seventh groups, inclusive, the bases have the constitution; R^_|_ jM”X, 

where n is the valence of the element toward hydrogen. Thus, wc have 
the organic bases: CH 3 HgOH, (CHji^TlOH, (CHJ^SnOH, (CHai.NOH, 
(CHgigSOH and (CsHJJOH. The strength of the organic bases de¬ 
pends upon their constitution. As hydrogen is substituted by organic 
groups, particularly alkyl groups, the strength of the base in general 
increases, although a marked increase does not take place until the sub¬ 
stitution of the last hydrogen atom occurs, in which case the resulting 
base exhibits a nuaximum strength. Thus, monomethyl-, dimethyl- and 
trimethylammonium hydroxides are comparatively weak bases, while 
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tetramethylammonium hydroxide is a base whose strength is practically 
the same as that of potassium hydroxide. The positive ions of the strong 
organic bases possess distinct metallic characteristics in their compounds. 
With a few exceptions, these ionic groups may not be obtained in a free 
neutral state, since in this condition they are comparatively unstable, 
yielding, as a rule, various neutral organic compounds. The tetramethyl¬ 
ammonium group, as indeed the ammonium group itself, possesses an 
appreciable stability. So, for example, the ammonium group forms an 
amalgam in which the presence of the free ammonium group has been 
established.^^ The tetramethylammonium group forms a stable, solid, 
metallic amalgam with mercury,^® and this group, moreover, may be pre¬ 
cipitated in a free state by electrolysis in ammonia solution.^®, Under 
these conditions the free group dissolves in ammonia to form a solution 
which resembles solutions of the alkali metals in the same solvent. These 
solutions, however, are relatively unstable so that their properties have 
not been further investigated. 

The mercury group, CUgHg, has been obtained in a free state by elec¬ 
trolytic precipitation from an ammonia solution.^® The free group is a 
distinctly metallic substance which is a good conductor of the electric 
current. This group, while relatively stable in comparison with other 
groups, nevertheless reacts slowly, even at low temperatures, and at high 
temperatures it reacts instantaneously according to the equation: 

2CH3Hgz^Hg + Hg(CH3),. 

Not only do the ions of the organic bases, therefore, resemble the metallic 
elements, but the free basic groups themselves, when they possess suffi¬ 
cient stability to admit of their being isolated, exhibit metallic properties. 
The metallic state of a substance is not one characteristic merely of ele¬ 
ments which themselves are metallic in the elementary condition, but 
includes likewise various groups of elements whose constitution is such 
that they carry a negative electron which is relatively loosely attached to 
the group. 

8 . Complex Anions. Our knowledge of the structure of anion com¬ 
plexes is comparatively limited. No data are so far available which 
definitely establish that the anions in water are hydrated. It is true, 
that, from the conductance values of the anions and the hydration values 
of the cations, it may be inferred that the anions are likewise hydrated, 
but the hydration of the anions has not been experimentally verified. 

Coehn, Ztschr. jf. Anorg. Cliem. 25, 430 (1900). 

“McCoy and Moore, J. Am. Ohcm. ^oc. S3, 273 (1911). 

“Palmaer, Ztschr. g. Elcctroch. 8, 729 (1902) ; Kraus, J. Am. Ohem. 8oc. 35, 1732 
(1913). 

20 Kraus, loc. cit. 


214 PROPERTIES OF ELECTRICALLY CONDUCTING SYSTEMS 

The existence of definite anion-complexes comparable, for example, 
with those of the cobalt and chromium salts is not indicated by the Pi’o^r- 
ties of electrolytes, either in solution or in the solid and liquid state, riie 
anions often consist of definite groups containing one or more electro¬ 
negative atoms. Among these we have, for example, the nitrates, chlo¬ 
rates, sulphates and other common anions, as well as many anions of 
organic acids. So far as the degree of ionization is concerned, salts of 
compound anions exhibit properties similar to those of salts of simple 
anions. The ionization of the hydrogen derivatives, namely the acids, 
of such anions, however, is largely dependent upon the nature of the 
atoms occurring in the anion complex. The introduction of strongl\ 
electronegative elements into the anion complex increases the strength, 
that is, the ionization of the acid. This behavior of the acids is so well 
known that details need not be introduced here. 

Certain elementary ions form complex anions with the same or other 
elements, a more or less complex equilibrium existing among the various 
complex anions formed in solution. The most common example of a 
complex anion of this type is the complex iodide ion which is ftirnual 
by the direct interaction of the iodide ion with iodine, forming the ion 
I-.Ij. The equilibrium in the case of the tri-iodide ion has beam exten¬ 
sively studied by a number of investigators. The mean cornpositiem eif 
the solution in such cases depends upon the concentration, sine-e; the 
equilibrium between the simple and the complex ion is a funedion e)f tins 
concentration.^^ 

It is well known that the halogen salts form v'ariems complexes will) 
other halogens, thus indicating that complex anions are formed betwi‘cn 
a halogen ion of one element with other elements of tlu; ludogem grou]). 
The chlor-iodides are familiar examples of this type. The eciuilibrium 
in the case of these complex anions has not been extensively studies 1. 

The work of Kuster''^^ indicates that the normal sulphide ion reads 
with excess sulphur to form a series of complex sulphur anions. 'These 
anions appear to be comparable with the complex iodid(‘ ion, the elnirge 
being associated with the original sulphide anion. Tlu; mean comirosit ion 
of a solution of sodium sulphide in equilibrium with free sulphur v.aries 
as a function of the concentration. The problem in the case of a([ueous 
solutions is complicated owing to hydrolysis. The behavior of a(iueous 
solutions of the alkali selenides and telluridcs indicates that these met als 
also form complex anions in the presence of excess of these met als."'* 
They have not, however, been extensively investigatofl. 

«.Bray and MacKay, J. Am. Cliem. Soc. S2, 915 (1910). 

Heberlein, Ztsclir . /. Anorg Vlicm is , 53 (I'Jor.) ; Kunter, iliid ., a , 431 
11305). J Tibbals, J. Am . ( Jlicm . b ' oa . 31 , 003 (1300). 
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Solutions of complex selenides and tellurides have been obtained in 
liquid ammonia by the action of the normal salts on the free elements.^^ 
Solutions of the complex tellurides in liquid ammonia are the only ones 
which so far have been extensively investigated. The normal telluride, 
which is only slightly soluble in ammonia, is formed by the direct action 
of the metal on sodium in ammonia solution. The telluride so formed 
IS a white substance, apparently somewhat crystalline in character. In 
the presence of excess tellurium the normal telluride reacts with the metal, 
forming a complex tellurium salt which is very soluble in ammonia. The 
composition of the solution in equilibrium with a normal telluride Na 2 Tc 
is NagTCg.-® Apparently the following reaction takes place: 

NagTe + Te = NuaTcg goj^tion* 

This solution exhibits an intense violet blue color. When the normal 
telluride NagTe has disappeared, the complex Na 2 Te 2 in solution reacts 
with free tellurium to form another complex. In concentrated solutions 
the composition of the ammonia solution corresponds very nearly with 
NagTe^. The exact value of the composition, however, is a function of 
the concentration, the amount of tellurium in solution decreasing at lower 
concentrations.^® The color of the solution in equilibrium with metallic 
tellurium is deep red. 

The molecular weight of the telluride in equilibrium with metallic 
tellurium has been determined and found to correspond with the formula 
Na.Te.Tex; that is, sodium is associated with a divalent complex tel¬ 
lurium anion.^'^ 

While the normal telluride is a white substance exhibiting only non- 
metallic characteristics, the product resulting on evaporating a solution 
containing larger amounts of tellurium is metallic in appearance, indicat¬ 
ing that tlie salts of the (*omplex tellurides are metallic substances. This 
behavior of the complex tellurides in the free state is particularly im¬ 
portant wlien we (‘ome to consider similar complex anions of metals of 
the fourth and fifth groups. 

Whereas our knowledge of the complex anions of this type has pre¬ 
viously been restricted chiefly to elements of the sixth and seventh 
groups, in recent years, through a study of solutions in liquid ammonia, 
evidence has come to light which indicates that the elements of the 
fourth and fifth groups form complex anions similar in character to the 
complex sulphide and iodide ions. In the case of the salts of these com- 

2^ Ilugot, Compt. rend., 120, 209 and 388 (1899). 

Chiu, Disaertatioii, Clark University (1920). 

28 E.g. Chiu, loc. ait. 

27 E. II. Zeitfuchs, Dissertation, Clark University (1921). 
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plex anions, however, the non-metallic characteristics have disappeared, 
and these substances in the solid state are metals. In solution, how¬ 
ever, they exhibit properties similar to those of tellurium. A charac¬ 
teristic property of such solutions is the existence of anions of distinctly 
metallic elements. Thus, lead is precipitated on the anode when the 
current is passed through a solution containing the complex Na^Pb.Pbx.^* 
A similar result has been obtained in the case of-the antimony complex 
NaaSb.Sbx.^® In a solution of the lead complex in equilibrium with lead, 
2.25 atoms of lead are precipitated on the anode per equivalent of elec¬ 
tricity.®® This corresponds with the mean composition of the solution. 
The proportion of lead to sodium in the presence of excess lead is inde¬ 
pendent of the concentration of the solution. In the case of the anti¬ 
mony complex, the mean composition of the solution is a function of 
the concentration. The maximum lies in the neighborhood of 0.4 N 
sodium.®^ At lower concentrations, the mean composition falls off 
sharply from the value 2.33 at the maximum to 1.2 at a concentration of 
0.005 N. Bismuth and tin likewise form complexes of a similar , nature 
which have not thus far been studied in detail. 

The solutions of these complexes, except possibly at the highest con¬ 
centrations, are purely electrolytic in character.®® While the number of 
charges associated with the negative complex has not been definitely 
determined in the case of lead and antimony, it is probable that the 
charges are respectively'4 and 3, corresponding with the position of these 
elements in the periodic system. It is evident that many metallic ele¬ 
ments are capable of forming complex anions similar to the complex 
sulphur and iodide ions. The compounds which are left behind on 
evaporation of ammonia are metallic. In view of the electrolytic prop¬ 
erties of these compounds when in solution, it appears probable that the 
solid compounds themselves are, in fact, salt-like in character, the more 
electronegative element carrying a negative charge. The existence of a 
large number of compounds in binary systems, such as those of sodium 
and lead, is probably due to the formation of negative ionic complexes. 
In all likelihood, this property is not confined to the metals whose com¬ 
pounds are soluble in ammonia. It is probable that the constitution of 
the compounds formed between the strongly electropositive elements and 
such elements as thallium and mercury is similar to those of lead. 

9. Other Complex Ions. Complex anions are formed by many salts 
of metallic and non-metallic elements on interaction with salts of the 


Kraus, J. Am. Chem. ^oc. 29, 1557 (1907’ 
2® Peck, J. Am. CMm. Soc. JfO, 335 (1918).' 
Smyth, lOG. cit. ^ \ j 

Peck, loc. cit. 

” Kraus, J. Am. OJiem. 8oc. .^3, 752 (1921) 
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moro electropositive elements. Many such complex anions have been 
investrigated in which mercury, tin, lead, platinum, silicon and other ele- 
mentrS appear in the anion complex in association with strongly electro- 
nega'fci've elements such as chlorine, fluorine, etc. The constitution of 
these complex anions is accounted for by Werner’s theory which has 
alrea^dy been briefly outlined. 

Complex or, preferably, intermediate ions, both positive and negative, 
may formed when salts of higher type ionize in stages. Such ions 
have many representatives among the higher types of weak acids and 
bases when the ionization constants of the different ions have different 
values. This is the case, for example, with phosphoric acid. 

Whether similar complex ions are commonly formed in solutions of 
salts ef higher type is uncertain. The cation transference number of 
cadnamm iodide at high concentrations is greater than unity, which 
clearly indicates the existence of an intermediate cadmium ion. In the 
case of other salts, the * existence of intermediate ions is not definitely 
established although, as we shall see below, the existence of such ions in 
mixtures may be inferred from solubility data. There are no data 
available relative to the existence of similar ions in non-aqueous solu¬ 
tions. It is possible, also, that binary electrolytes may associate and 
dissociate with the formation of complex ions. Their existence has not 
been established. 


Chapter IX. 

Homogeneous Ionic Bquilil)ria. 

1. Equilibria in Mixtures of Electrolytes. If the (‘onstitiu'nts in { 
mixture of two or more electrolytes obey the mass-nc^iion law, then the 
equilibrium in the mixture may at once be determiiu'd if the values o: 
the mass-action constants are known. The values of these constant 
may- in general be determined from a study of solutions of the pure 
substances under corresponding conditions. The (‘quaticviis uiuha'lyin^ 
such equilibria have the form: 


where C"' denotes the concentration of tlic positive ions, C" that of the 
negative ions, and that of the un-ioni/a^d fra(‘tion of a giviai (‘l(;c- 

trolyte. K is the ionization constant of the el(‘(‘iroly((? in (pu^stion. Foi 
every electrolyte appearing in the solution as an un-ionized nioUuailcv 
the concentrations of its un-ionized frac'tion and of its ions appc'ar a^ 
variables. In general, these ions will also be (‘oininon to oilu^r ehu^tro- 
lytes present in the mixture. The total iunnh(‘r of ionic sprci(‘s in solu¬ 
tion will be equal to the total number of un-ionizod sp(‘(‘i(‘s in solution 
in case any number of electrolytes without a coniinon ion ar(‘ mixed. 
The mass-action law leads to a seri(‘s of n^action e(jn:ition' of tin* type*: 

MdXXr=:A;M,X„ 

and the concentrations of the various moh'cular sfx-cic' prc'onl in I Ik 
solution, and to a series of condition eejuations of th(‘ lype: 

and ~|- ... -{- Xj (' y 

j:. 

The number of equations will always be (‘(pial to (ho nuinlxu* of varial)les 
and the concentrations of the various moh‘(*ular spooios pr‘os(‘nt in the 
solution may be determined by solving the r(*sulting siinu}(aiH‘ous ecpia- 
tions. If two electrolytes without an ion in oominon ar«* niix<‘d, the 
resulting reaction equations are: 
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M," X X,- = 

M/XX,—X 3 M 2 X, 

M/XX 3 —X,M,X„ 

and the condition equations are: 

M, + M,X, + M.X^ =: Cl 

M2 ■+■ MoX. + MoXi 1= C, 

Xi + MiXi + M^Xi^Ci 
X2 + M1X2 + M2X2 =: C2 

where C^ and Co are the total concentrations of the base or acid X^, 
which are necessarily equivalent, and the base M 2 or the acid X^, which 
are likewise equivalent. From,these eight equations the concentrations 
of the eight different molecular species may be determined for any con¬ 
centrations Cl and C 2 of the total acids and the total bases in solution. 
In this (‘use, interaction with the solvent is assumed not to take place. 
In a mixture of two electrolytes with a common ion we have the reaction 
equations: 

Mi^XX—XiMiX 
M 2 " X X“ = X 2 M 2 X 

and the condition equations: 

MiX + Ml = Cl 
M 2 X + Mo = C 2 

MiX + MoX -f X = Cl + C 2 . 

In this case the solution of the problem is comparatively simple. 

In a mixture of two electrolytes having an ion in common, assuming 
tlie mass-action law to hold, the ionization of the electrolytes in the mix¬ 
ture will 1)0 the sam(‘ as that in the original solutions before mixing, if 
the concentrations of the common ion in these solutions, before mixing, 
are e(|ual. Such, solutions tire said to be isohydric.^ This result is a 
consequen(‘e of the law of mass-action. Let M/, Mo" and X" be the 
concentrations of two solutions luiving in common the ion X". It is 
obvious that the concentration of the common ion in these two solutions 
will be eciual to Mi" for the first solution and Mo" for the second solution. 
Let a volume liters of the first solution be mixed with a volume of Vg 
liters of the second solution. If the concentrations of the ion X" in the 
two original solutions are equal, then we obviously have: 

Ml" = M 2 " = X-. 

ArrheniuH, Ann. d. Phys. HO, r>l (1887J ; Zlschr. /. phys. Chem. 2/28Ji (ISSS) ; Hid., 
5, 1 (1890). 
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In the mixture, therefore, assuming that no displacement of the equi 
librium takes place, we should have for the concentration of the ions M, 

M +V • -I- 

the value for that of the common ion —and fo 

Vi + V2 * 1 “T ''2 

V 

that of the un-ionized fraction MiXi y ^ y- . If the law of mass-actioi 
holds, we have the equation: 


YT+T,^ V, + V2 




Vi 


= X,. 


V, + V2 


If = M 2 *, the expression for the concentration of the common ior 
becomes: 


+ M,*V2 


V. + V 2 


:M, 


and the equilibrium equation reduces to: 

Ml* XX,-_ 

m7Xi ~ 

In other words, if the concentration of the corumon ion is the same in the 
original solutions, then, if these solutions arc mixed iri any proportion, 
assuming no change in the equilibrium to take place, the (‘oiuarntrations 
of the ions in the mixture will be such as to fulfill the condit ions luaa'ssary 
for equilibrium. 

The correctness of this principle may readily Ix' (rstod in th(‘ case of 
weak acids. Since the conductance in solutions of th(‘ atads is du(‘ (‘hietly 
to the conductance of the hydrogen ion, it follows that two acids will 
have the same concentration of the hydrog('n ion when (lie solutions 
have the same specific conductance. Ther(*fore, a mixturii of t wo solu¬ 
tions fulfilling these conditions will hav(? tin* sann* sp<‘(*i{i(‘ conductance 
as the original solutions. If the anions have dilTennit conductance 
values, the specific conductance of isohydric solutions will difler in 
proportion to the conductance of tia^sci anions, and th(‘ specifi(*< c,ondu(d~ 
ance of a mixture of the solutions will be tin* arithmeti(‘. m(\an of that 
of the components. This principle has been {‘xtensively tested by the 
conductance as well as other medhods and has Ix'fai shown to hold true 
for mixtures of weak acids and bases. 

It has been found, however, tliat even in solut ions whicdi do not com 
form to the law of mass-action, that is, in solutions of strong electrolytes. 
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a similar condition holds. If, for example, solutions of sodium chloride 
and potassium chloride have the same ion concentration, then, on mixing, 
the concentration of the ions in the mixture will be the same as that in 
the original solutions. Apparently, then, the isohydric principle holds, 
even in the case of electrolytes which do not obey the law of mass-action. 
This principle has been employed very extensively for the purpose of 
calculating the concentrations in mixtures of strong electrolytes. If the 
electrolytes in a given mixture do not obey the law of mass-action, then 
it is obviously impossible to calculate the equilibrium in the mixture 
unless we know the law governing this equilibrium. The isohydric prin¬ 
ciple is an empirical relation which has been assumed to govern the 
equilibrium in mixtures. In order to test the correctness of this prin¬ 
ciple, it is obviously necessary to determine the concentrations of the 
ions in the mixture by some independent means. 

The law of equilibrium for a given electrolyte in a mixture must 
reduce in the limit to that of a solution of the electrolyte in the pure 
solvent. It has been shown that, for a strong electrolyte. Equation 11 
holds very nearly. According to this equation, the ratio of the product 
of the concentrations of the ions divided by the concentration of the 
un-ionized fraction varies as an exponential function of the ion concen¬ 
tration. It is clear that this relation conforms to the principle of iso¬ 
hydric solutions. In a mixture of electrolytes, the equation might take 
the form: 

P. 

( 50 ) ^=DC2C.r + K, 

u 

where P- is the value of the ion product, C^, is the concentration of the 

0 Lv 

un-ionized fraction, and is tlic total concentration of the positive or 

negative ions in the mixture. Indeed, it is apparent that an equation 
of the form: 

(51) ^=P(2C.) 

u 

will conform to the isohydric principle,^ where F{^C^) is any explicit 

function of the total ion concentration of the mixture. For, on mixing 
two solutions whose ion concentrations are and C{", the equilibrium 

will be unaffected by the relative volumes of the solutions mixed, pro- 

»Arrhenius, Ztschr. f. phys. Chem. 31, 218 (1899). 
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vided that C/ and C-" are equal. Equation 51, therefore, is the analyti- 

cal expression of the isohydric principle. In the limit, as the second com¬ 
ponent in the mixture disappears, the equation reduces to that for the 
first salt alone. In the case of mixtures of electrolytes without a com¬ 
mon ion the same expression applies. 

Equation 51 is not the only function which might be assumed to hold 
for the mixture which reduces to the form of Eciuation 11 in the case 
of a solution of a single electrolyte. We might assume for the mixtures 
a function of the form: 

(52) 

where again is the ion product. In the limit tlie concentrations of 

the positive and negative ions become equal for the solution of a single 
salt, and consequently this equation reduces to tlu* form of Ecjuation 11. 
The isohydric principle, or more generally, tlie iso-ioni(‘. principle, is a 
consequence of the law of mass-action, but, when the law of mass-action 
fails to hold, there is no reason for assuming that lOcpiation 51 rather 
than Equation 52 is correct, for both redu(‘e to the same limiting form 
in the case of a solution of a single electrolyte. W(‘ may, thcTcforc, 
inquire which of the two functions corresponds most lu^aiiy with the 
experimental values. 

In order to test the functions in tli(^ cas(‘ of mixtur<‘s, it is obviously 
necessary to measure some property of tlu‘S(‘ mixtun's by ind(‘[)cn(lent 
means, as, for extimple, the condiKdaiua^ of a mixtun^ of (‘h'ctrolytes. 
Assuming that the conductaiu'c of tlu? ions in fla* mixliin' is fh(‘ same as 
that of the same ions in pure solutions, it is possibl(‘ to cahailatt*. the 
specific conductance of the mixture, if ihv. form of th(‘ conducfan(‘(‘ func¬ 
tion for the pure electrolytes is known, and if a funclion is assumed for 
the mixture. If the assumed funclion is correef, I hen the calculat(‘(l 
specific conductance for the mixturt^ should correspond lo I Ik* measured 
specific conductance of the mixture within tlu^ limits of (‘xperim(‘ntal 
error. If the calculated and ohs(‘rved valu(‘s do not corn^spond, it fol¬ 
lows that the function assumed for the mixlun^ is not correct. That an 
equilibrium actually exists in the mixture appfurs to b(‘ beyond (fU(‘stion, 
although the exact nature of the reaction may lx* somewhat in doubt. 

Bray and Hunt“ have measured the specific conduclance of mixtures 
of sodium chloride and Iiydrochloric acid in wal(‘r at- 25". They have 
likewise calculated the specific conductance of the mixtur(‘s, assuming 

3 Bray and Hunt, J. Am. Chem. Hoc. 781 (1011). 
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the isohydric principle; that is, assuming Equation 51. The results are 
given in Table LXXXIII, in which the concentrations of sodium chloride 
and hydrochloric acid are given in the second and third columns re¬ 
spectively, and the measured specific conductance is given in the fourth 
column. In the fifth column is given the specific conductance calculated 
on the assumption of the iso-ionic principle, namely Equation 51, while in 
the seventh column is given the value of the calculated specific conduct¬ 
ance, assuming Equation 52. In the sixth and eighth columns are given 
the percentage deviations between the measured and calculated values. 

TABLE LXXXIII. 

Measured Specific Conductance op Mixtures of NaCl and HCl Com¬ 
pared WITH Values Calculated According to Equations 51 and 52. 


Concentration Specific Conductance [x 

(Approx.) Calculated 

millimols Equa- Calculated 


No. NaCl 

HCl 

Measured 

tion 51 

% Dif. Equation 52 

% Dif. 

1 

100 

100 

47.25 

48.21 

— 2.1 

47.09 

-1-0.3 

2 

100 

50 

29.14 

29.62 

— 1.6 

28.82 

-f 1.1 

3 

100 

20 

18.06 

18.31 

— 1.4 

17.84 

-+-1.2 

4 

100 

10 

14.36 

14.50 

— 1.0 

14.18 

+ 1.2 

5 

100 

5 

12.52 

12.59 

— 0.6 

12.39 

H-l.l 

6 

100 

2 

11.41 

11.45 

— 0.3 

11.35 

-+-0.5 


\ 



Mean 

— 1.15% 

Mean 4" 0.85% 

7 

20 

50 

21.75 

21.89 

— 0.7 

21.65 

-1-0.4 

8 

20 

20 

10.157 

10.27 

— 1.1 

10.13 

-+-0.3 

9 

20 

10 

6.253 

• 6.307 

— 0.9 

6.221 

-f 0.5 

10 

20 

4 

3.889 

3.919 

— 0.8 

3.870 

-+■0.3 

11 

20 

2 

3.101 

3.118 

— 0.6 

3.094 

-j- 0.2 

12 

20 

1 

2.709 

2.721 

— 0.4 

2.702 

■+-0.3 





Mean 

— 0.75% 

Mean +0.33% 

13 

5 

12.5 

5.651 

5.678 

— 0.5 

5.646 

-^0.1 

14 

5 

5 

2.632 

2.650 

— 0.7 

2.634 

— 0.1 

15 

5 

2 

1.621 

1.630 

— 0.6 

1.619 

+ 0.1 

16 

5 

1 

1.011 

1.016 

— 0.5 

1.010 

+ 0.1 


Mean —0.57% Mean -1-0.05% 


Comparing tlic measured values of the specific conductance with those 
calculated on the basis of Equation 51, it is seen that the deviations from 
the iso-ionic principle arc consistently larger than any conceivable experi¬ 
mental error. In the case of 0.1 normal solutions of sodium chloride, the 
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mean error is 1.15 per cent; for 0.02 normal solutions, 0.75 per cent; 
and for 0.005 normal sodium chloride solutions, the mean deviation is 
0.57 per cent. At the lower concentrations the agreement is measurably 
better than at the higher concentrations, a result which is perhaps not 
unexpected, since at concentrations as high as 0.1 normal viscosity effects 
unquestionably come into play. The agreement between the measured 
and calculated values based on Equation 52 is markedly better than that 
of values based on Equation 51. In the case of the 0.1 normal solutions of 
sodium chloride, the mean deviation is 0.85 per cent. In the mixtures 
of sodium chloride of concentration 0.02 and 0.005, the mean deviations 
are respectively 0.33 and 0.05 per cent, values which fall very nearly 
within the limits of experimental error. In calculating the specific con¬ 
ductances of the mixtures according to Equation 52, 424 was assumed 
for the value of Ao for hydrochloric acid and 127 for that of sodium 
chloride. These values may be somewhat in error, but it is to be noted 
that the calculated specific conductances are affected to only a very 
small extent by the value assumed for Ao. It must be concluded from 
these results that the isohydric principle is not applicable to mixtures 
of strong electrolytes. In the case of the mixtures of hydrochloric acid 
and sodium chloride, at any rate. Equation 52 yields results which corre¬ 
spond quite closely with the observed values at low concentrations. It 
is uncertain, however, that a similar correspondence will be found in the 
case of mixtures of other electrolytes. For the present, therefore, the 
form of the function which should be assumed in the (uisc of mixtures of 
strong electrolytes remains doubtful. 

2 . Hydrolytic Equilibria. Water itself is ionized to a slight extent 
into hydrogen and hydroxyl ions. There therefore exists in water an 
equilibrium which, if the law of mass-action holds, is expressed by the 
equation: 

H*XOH- = 7^^, 

where is the ionization constant of water. The concentration of the 

hydrogen and hydroxyl ions in pure water has bcKui determined by 
Kohlrausch from the conductance of very pure water. At 18" this method 
yielded the value 0.80 X 10"' for the concentration of the hydntgen and 
hydroxyl ions in pure water. The ionization constant has also been 
determined from the electromotive force of gas cells, from the rate of 
certain esterrification reactions and from the hydrolysis of certain .salts 
in water. In these latter methods, an electrolyte ha.s, in general, been 
present, which naturally introduces an uncertainty as to the effect of 
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the electrolyte on the ionization constant of water. The results of the 
various methods are summarized in the following table. 

TABLE LXXXIV. 

The Hydrogen-Ion Concentration (X 10^) in Pure Water as Deter¬ 
mined BY Various Investigators. 


Investigator 

Method of Determination 

0 ® 

18° 

25° 

Arrhenius . 

.Hydrolysis of sodium acetate by 
ester-saponification . 



1.1 

Wijs . 

.Catalysis of ester by pure water.. 



1.2 

Nernst . 

.Electromotive force of gas cell... 


0.8 


Lowenherz .... 

.Electromotive force of gas cell... 



i.io 

Kohlrausch and 
Heydweiller . 

. Conductance of pure water. 

0.36 

0.80 

1.06 

Kanolt . 

. Hydrolysis ... 

0.30 

0.68 

0.91 


When a salt is dissolved in water, interaction takes place between 
the ions of the salt and the ions of water with the resultant formation 
of un-ionizcd molecules of acid, or of base or of both, depending upon 
the strength of the acid and the base. Assuming the law of mass-action 
to hold in the mixture for both acid and base, and assuming that the 
salt is highly ionized and that its ionization function is known and is 
the same in the mixture as it is in a solution of the salt alone, the con¬ 
centration of the various constituents in the mixture may be obtained 
from a solution of the reaction equations: 

IP X X’ = X^HX, 

(53) X OH- = X^MOH, 

H^XOH- = X,^, 

and the condition equations: 

MX + HX + X- = 

(54) MX + MOH + M" 

+ H^ = X- + OH-, 

where Xj^ and X,^ arc the ionization constants of acid, base, and 

water, respectively, and and are the total concentrations of acid 

and of base, Jtnd the other symbols represent the concentrations of the 
various constituents concerned in the reaction. Let us assume that the 
acid is stronger than the base, in which case H'" is greater than OH”. 
Let represent the fraction of base present in the form of ions. Since 
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M* differs from X’, Yg is not identical with the ionization of the salt, 
but, unless the hydrolysis is great, the value of Yg will not differ appre¬ 
ciably from that of the salt at the concentration in question. Let h 
represent the total fraction of base present in the un-ionized condition, 
in which case h is the hydrolysis coefficient. A solution of the above 
equations leads to the equation: 


(55) 


( 1 - 


■h) 


K^h 


[ 


(1-^) 


Kys 


Kf/,. 


.[ 


Ka\(Ga-(^b+f^(^b- 




-h) 


Yg (1 


K^h 


Tg(l~/0 


-h) 

] 


} 


The concentrations of the various constituents are given by the follow¬ 
ing equations: 


BX = C^-C^ + hCy 


K.^y,a~h) 


K,/>. 


Kyi 


jyi-h) 


(56) 


X- = y^C^(l-h) 


X„Yg (1-/0 


OH-: 


Kyi 

Kj}i 




Yg (1- 
(!■ 


K,/i 


-h) 

-h) 


W=yfyi~h) 

MOIi = hC, 


lyh 

Y~'(l~/0. 


If Yg, together with the roiiction constants, are known, Ihe concen¬ 
trations of the constituents may be calculated. The ('((uai ions may be 
generalized by introducing the ionization function for the salt by 
means of the equation: 

(57) X X- = /v;,MX. 

This leads to the equation: 


(58) 


TgC^d-W-f 


x^gYg (1-/0 


. ' 

y^ (! - -//)_ 


a;.(i 


Yg)- 
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These equations are independent of the concentration of the various 
reacting constituents so long as the assumed conditions are fulfilled. In 
many instances they may be greatly simplified for practical purposes. 
If the concentration of the salt is not extremely low and if the acid is 
stronger than the base, the concentration of the hydroxyl ions may be 

Kjfi 

neglected in comparison with that of the ions, and the term —r —r-s 

Tg(l—/i) 

may be dropped out of the equations. If the hydrolysis is small, the 
concentration of the hydrogen ions may be neglected in comparison with 
that of the M'" ions. The equation, then, reduces to the form: 


h I '^s 

{1-hY^Kj^Cj^O—hy 

If acid and base arc present in equivalent amounts, the hydrolysis of the 
salt is expressed by the equation: 


(60) 


h? _■ ^w'^s 


and the hydrogen ion concentration by: 


(61) 


11*^ = ■ 




K. 




These equation.s arc generally applicable, provided the concentration of 
the hydrogen ions is relatively small in comparison with that of the ions 
of the salt. In the case of a solution of a strong acid and a weak base, 
the second term in I'lciuation 60 is evidently determinative of the degree 
of hydrolysis of the salt, while in solutions in which both the acid and 
base are very weak and the total concentration of the base is high, the 
first term is chiefly determinative of the hydrolysis. In the case of acids 
and bases of intermediate strength, and particularly at fairly low con¬ 
centrations, both terms must be taken into account in determining the 
hydrolysis of a salt. 

In very dilute solutions of salts of relatively strong acids and bases, 
it is possible that conductance measurements may be appreciably affected 
by hydrolysis. This is particularly true if the limiting values of the 
ionization const;int approacdied by acid and base differ. It is obvious 
that the acdual concentration of acid and of base in solution is very low, 
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and the values of the ionization functions to be introduced for acid and 
base are therefore not the values for these ionization functions at ordi¬ 
nary concentrations of acid and base, but rather the values approached 
at very low concentrations. Actually, we do not know the limiting value 
which the ionization functions approach in aqueous solutions of strong 
acids and bases. Consequently, conductance measurements with dilute 
salt solutions remain in doubt so long as the values of the ionization 
functions remain unknown. It is fairly certain that in the case of salts 
of weaker bases, such as the silver salts, for example, the conductance 
must be measurably affected at concentrations below 10-^ normal. Ac¬ 
cording to Bottger,^ the ionization constant of silver oxide at 25° is 
2.5 X 10'*. Assuming for the ionization constant of water the value 
0.91 X and assuming that the ionization of the salt is practically 
complete, we obtain the following values for the hydrolysis of silver 
salts at 25°. 

TABLE LXXXV. 

Hydeolysis of Silvek Salts at Different Concentrations at 25°. 


C . 10-" 10 * lO-' 

h . 1.9 X 10'* 6.0 X 10 * 1.9 X 10'* 

Cond. inc. 5.7 X 10'* 1.8 X lO'® 5.7 X lO'® 


As a result of the replacement of Ag* ions by ions in the solution, 
the conductance is increased approximately in the ratio of one to three. 

In the third line of the above table are given values of the increase in 
the conductance due to the hydrolysis of the salt. It is seen that even 
at 10"^ normal the conductance of a silver salt is affected to the extent i 
of 0.057%, while in a 10"* normal solution the condiuitaruie correction 
amounts to 0.18%. That the hydrolysis of salts of the weaker bases i 

becomes appreciable at higher temperatures is indicated by the work . 

of Noyes and Melcher * with the salts of silver and of liarium. In the '^1 

case of silver nitrate, at higher temperatures, a deposit of silver was 
formed over the inner walls of the platinum-lined bomb. This pre- ; 

sumably was the result of a precipitation of silver oxide, wlddi is unstable I 

at these temperatures and decomposes to metallic, silver and oxygen. 

The extent of the hydrolysis of salts of strong acids and bases is very f 
uncertain. At the higher concentrations, these electrolytes appear to be 
ionized somewhat more strongly than typical salts. Washburn has de¬ 
duced the value of 0.02 as the limit approached by the ionization con¬ 
stant of potassium chloride at low concentrations. But this value really 

2 Biittger, Ztschr. /. phjjs. Cheni. Jfi, (>02 (1003). 

* Noyes, Carnej^ie PubUcation, No. (>3, p. 04, 
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represents an upper limit and it is possible that the true value may be 
much below this limit. The high value of the ionization, however, ren¬ 
ders any precise determination of the limiting value of the mass-action 
function uncertain, and, indeed, if conductance data alone are considered 
it is even uncertain that a definite limit greater than zero is approached.'** 
The strong acids and strong bases are ionized to practically the same 
extent at higher concentration; and if the ionization functions in the case 
of these two types of electrolytes approach the same limits at low con¬ 
centrations, the conductance of a salt as measured will be found some¬ 
what lower than the true value if hydrolysis becomes appreciable. On 
the other hand, if the functions of acid and of base approach values which 
differ considerably, then the result will be to increase the conductance of 
the solution above that of the unhydrolyzed salt. If, for example, the 
ionization constant of the acid relative to that of the base were 10"^, 
then, at a salt concentration of 10"° N, the hydrolysis would have a value 
of 0.95 X 10"^ or approximately 0.1 per cent, which would raise the con¬ 
ductance of the solution approximately 0.3 per cent. In view of the 
entire lack of experimental data relating to the limiting values of the 
ionization constants of the strong acids and bases, conductance measure¬ 
ments with salts at concentrations below 10"* normal cannot be inter¬ 
preted with certainty. 

In solutions of salts of weaker acids and bases, hydrolytic equilibria 
appear to be fairly well established. This lends support to the view that 
the ionization constants of the weaker acids and bases, as well as that 
of water, arc not materially affected by the presence of larger amounts 
of salt. The agreement of the values for the ionization constant of 
water as determined from a measurement of the conductance of solutions 
of salts of weak acids and bases, with that as determined by other 
methods, indicates that the fundamental assumptions underlying the 
theory of hydrolytic equilibria are substantially correct. In these equi¬ 
libria, the ionization of the salt is involved. If, as some assume, the 
salts are completely ionized at all concentrations, then the ionization y 

s 

of the salt should vanish from the hydrolysis equation, which would 
materially affecd tlie values obtained for the ionization constant of water. 
At the present time, however, data making such a comparison possible 
arc not sufficdently precise to enable us to draw any certain conclusions. 

Among other typical equilibria involving electrolytes are those in 
which a strong acid or a strong base is partitioned between two weaker 

Naturally, if this view were adopted, it would be necessary to recast our notloni 
relative to the nature of electrolytic equilibria. 
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bases or weaker acids.'’ A considerable number of equilibria of this type 
have been investigated and, in general, the results confirm the assump¬ 
tion that the strong base or acid is distributed between the weaker acids 
or bases in conformity with the law of mass-action. 

Equilibria similar to hydrolytic equilibria in aqueous solutions have 
been found to exist in solutions in non-aqueous solvents. Such equi¬ 
libria are to be expected in the case of all distinctly acid solvents which 
are capable of yielding a hydrogen ion. This, therefore, includes solu¬ 
tions in all acids, such as hydrocyanic acid, formic acid, acetic acid, etc. 
It likewise includes solutions in hydrogen derivatives whose acid prop¬ 
erties are extremely weak, such as ammonia, for example. 

Franklin ® has shown that equilibria of the hydrolytic, type exist in 
solutions in liquid ammonia. In the case of salts of very werdv bases, 
such as mercury for example, ammono-basic salts are precipitated when 
the neutral salt is dissolved. These precipitates arc redissolved on the 
addition of an acid, while precipitation is facilitated by tlic addition of 
an ammono-base, such as potassium amide. While (xiuilibria of the 
hydrolytic type thus exist in ammonia solutions, the (nddence indicates 
that it is only in the case of extremely weak bases that hydrolysis takes 
place to an appreciable extent. The concentration of hydrogen ions in 
annnonia is without doubt of an exceedingly low order. Tliia is indicated 
by the fact that salts whose ammono-bascs are practically insoluble in 
liquid ammonia, such as calcium and barium nitrates, for example, yield 
clear solutions when dissolved in ammonia, even at high concentrations. 
Furthermore, as is well known, solutions of the alkali metals, as well as 
of metals of the alkaline earths, in liquid ammonia, are coinpanitively 
stable. It is to be expected that such would not hi' the case' if the cam- 
centration of the hydrogen ions were appreciabh*. 

Schlesinger^ has shown that solutions of s:dts in formic acid are 
appreciably hydrolyzed. He found that on passing a current of air 
through solutions of chlorides in formic a'cid free hydrochloric acid is 
carried over. That hydrolysis may occur in solutions in other solvents, 
such as hydrocyanic acid, for example, is indicated by tin; high value of 
the residual specific conductance of the pure solvents. It is, of course, 
possible that in these cases the conductance is in a mciasurable degree 
due to the presence of impurities, but the high vahu* obtained in many 
instances is probably due to the presciua^ of hy(lrog('n ions. It is prob¬ 
able, moreover, that the higher the dielectric constant of the medium, the 
greater the concentration of hydrogen ions due to the solvent. No 

®Tbiel and Roemer, Ztschr. f. pliys. Ghem. 01, 114 (1908). 

•Franklin, J. Am. Ghem. Soc. 27, 820 (lOOn). 

T Schlesinger, J. Am. Ghem. Sog. SS, 1932 (1911). 
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systematic study has been made of reactions of the hydrolytic type in 
non-aqueous solvents. 

Certain solvents, such as sulphur dioxide, acetone and bromine, for 
example, appear to be of a non-polar type. In these cases it is to be 
expected that equilibria of the hydrolytic type do not exist. In the case 
of polar solvents, however, we may expect equilibria of the hydrolytic 
type even though hydrogen ions are not involved. Mercuric chloride 
may serve as an example of this type of solvents. This salt, when fused, 
dissolves typical binary salts and yields solutions which conduct the 
current with considerable facility. If a salt of the type of potassium 
nitrate, for example, were dissolved in mercuric chloride, reaction might 
be expected to take place, with the formation of potassium chloride and 
mercuric nitrate in the solution. This reaction is obviously of the hydro¬ 
lytic type. Indeed, we see that reactions of the type MX + NY = 
NX + MY, which take place in mixtures of fused salts, are of the 
hydrolytic type. We have here, however, an extreme case in that, in all 
likelihood, the ionization of the solvent itself is extremely high, whereas 
in the case of ordinary hydrolytic reactions the ionization of the solvent 
is exceedingly low. There is reason for believing that examples exist of 
equilibria of the hydrolytic type intermediate between those of water 
and those of mixtures of fused salts. 


Chapter X. 

Heterogeneous Equilibria in Wliieli Electrolytes 
Are Involved. 

1 . The Apparent Molecular Weight of Electrolytes in Aqueous Solu¬ 
tion. If an electrolyte is dissolved in a solvent in equilibrium with a 
second phase, the thermodynamic potential of the solvent is displaced, 
and a displacement in equilibrium results. On the addition of an elec¬ 
trolyte to water, therefore, we should expect a change in the solubility 
of substances in this solvent; or, in case water itself appears as a second 
phase, we should expect a displacement in the freezing point, boiling 
point, etc. 

The earlier experiments on the freezing point of aqueous salt solutions 
indicated a fairly close agreement between the ionization as determined 
by conductance measurements and that as determined from freezing point 
measurements. These data have been examined and collected by Noyes 
and Falk.‘ In solutions of the binary salts the agreement is, on the 
whole, fairly close in dilute solutions, although in the more concentrated 
solutions deviations, which exceed possible experimental errors, make 
their appearance. In solutions of potassium chloride the two methods 
yield practically identical results up to eoneentraf ions a.s high as 0.1 
normal. 

In order to calculate the molecular weight of a .substaiuie from the 
freezing point of its solution, the laws governing the; (!(juilibrium in tlic 
mixture must be known. Since the genc;ral (tase li.as beem worked out 
only for dilute solutions, it is obvious that the ionization of electrolytes, 
and the molecular condition of substances in general, may not be deter¬ 
mined from freezing point determinations at higher eoneentrations. 
Washbmm and MacInnes - showed that, while the; freezing point curve 
for potassium chloride corresponds very nearly wilh that of a solution 
of sugar in water up to fairly high concentrations, (hose for solutions of 
lithium chloride and caesium nitrate exhibit deviations at fairly high 
dilutions. The deviations in the case of the last named salts lie in oppo¬ 
site directions from the theoretical curve of ide:d solutions. They found, 

^ Noyes and Falk, J. Am. Chem. ffoc. SA, 1437 (11)11 ). 

a Washburn and MacInnes, J. Aw. C'hem. Soc. a.i, 10St> (11)11). 
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however, that at lower concentrations the curves for the three salts ap¬ 
proach that of an ideal system, assuming the ionization to be given by 

the conductance ratio 

Ao 

More recently the methods for determining the temperature of solu¬ 
tions in equilibrium with ice have been greatly refined, and molecular 
weight determinations are available at very low concentrations. In 
Table LXXXVI, under 7 ^ are given values of the ionization for potassium 

chloride at low concentrations as determined by Adams ^ and by Bed¬ 
ford.*^ Under 7 ^ are given values of the ionization at the same concen¬ 
trations as determined from conductance measurements. 

TABLE LXXXVI. 

Comparison of the Ionization Values for Potassium Chloride from 
Freezing Point and Conductance Measurements. 


CXIO" 

(Adams) 

y- (Bedford) 

* L 


2 

0.969 

.... 

0.971 

5 

0.961 

0.959 

0.956 

10 

0.943 

0.939 

0.941 

20 

0.922 

0.915 

0.922 

50 

0.888 

.... 

0.889 

100 

0.861 

.... 

0.860 


An examination of this table shows that the ionization values as deter¬ 
mined by the freezing point method correspond within the limits of error 
with those as determined by the conductance method. The temperature of 
the conductance measurements, in this case, was 18°, while that of the 
freezing point measurements was necessarily in the neighborhood of 0 °. 
It is known, however, that at fairly high dilutions the ionization of salts 
varies only little between 0 ° and 18°. The results are therefore com¬ 
parable. 

In Table LXXXVII are given values of the ionization as determined 
from freezing point and conductance measurements for solutions of potas¬ 
sium nitrate, potassium iodate, sodium iodate, and for equi-molar mix¬ 
tures of potassium chloride and potassium nitrate, and potassium iodate 
and sodium iodate.® 

Examining tlic results given in the following table, it is evident that, 
in the case of potassium nitrate, the ionization values by the two methods 

‘Adams, J. Am. CJiem. Soc. 37, 482 (1915). 

‘Bedford, Proc. Roy. Boc. (A) 83, 454 (1910). 

® Hall and Harkins, J. Am. Chem. Boc. 38, 2658 (1916). 
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TABLE LXXXVII. 

Comparison of the Ionization Values of Salts as Derived from 
Freezing Point and Conductance Measurements. 


Potassium Nitrate 


CXIO" 

(Adams) 

Yc 

2 

0.967 

0.970 

5 

0.958 

0.953 

10 

0.937 

0.935 

20 

0.908 

0.911 

50 

0.848 

0.867 

100 

0.787 

0.824 


Potassium lodatc 


0 X10“ 

Y,^ (Hall & Harkins) 

Yr 

2 

0.940 

0.905 

5 

0.929 

0.946 

10 

0.916 

0.928 

20 

0.890 

0.903 

50 

0.835 

0.860 

100 

0.764 

0.819 


Sodium lodatc 


0 X10“ 

Y,^ (Hall & Harkins) 

Yr 

2 

0.950 

0.960 

5 

0.934 

0.939 

10 

0.915 

0.917 

20 

0.890 

0.890 

50 

0.832 

0.842 

100 

0.772 

0.801 


Equal Mole-cular Mk-tiircs of KCl and 


C X 10“ 

y - (Hall &, Harkins) 

10 

1.94 

20 

1.914 

50 

1.868 

100 

1.827 

200 

1.773 


Equal Molar Mixturor 

! of KIO., anil XalO.^ 

C X 10“ 

y-^ (Hall & Harkins) 

10 

1.912 

20 

1.890 

50 

1.834 

100 

1.768 
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agree at concentrations below 20X10’^ N. At higher concentrations, how¬ 
ever, the freezing point method yields lower values than the conductance 
method. In the case of potassium iodate, the agreement is not so good. 
At the lower concentrations the value of the ionization as determined by 
the conductance methods is about 1.5 per cent higher than that deter¬ 
mined by the freezing point method. The limiting value of the conduct¬ 
ance of the iodates is much less certain than is that of the chlorides and 
nitrates, and it is possible that the ionization values, as determined by 
this method are in error owing to an error in the value of Ao. If the 
value of Ao were increased by 1.5 per cent, the conductance values for 
potassium iodate would agree up to a concentration of 0.05 normal. In 
solutions of sodium iodate, the discrepancies exceed the limit of experi¬ 
mental error, of the conductance measurements, at any rate. It is pos¬ 
sible that here, also, an error in the value of Ao would tend to harmonize 
the results. 

As regards the freezing point of equi-molar mixtures of two electro¬ 
lytes, it is interesting to note that the values of i for the mixtures are 
practically the mean of those for the pure substances at the same concen¬ 
tration. 

In Table LXXXVIII are given values of i for salts of higher type,® 
together with values of y,- and y^, where reliable values of y^ are 
available. 

TABLE LXXXVIII. 

Ionization of Salts of Higher Type as Determined by the Freezing 
Point and Conductance Methods. 


C X lO'’ 

i (Hall & Hiirkins) 

y^* (Hall & Harkins) 

T'c 


Magnesium Sulphate, 


5 

1.708 

0.708 

0.741 

10 

1.614 

0.614 

0.669 

20 

1.520 

0.520 

0.596 

50 

1.394 

0.394 

0.506 

100 

1.303 

0.303 

0.449 

200 

1.214 . 

0.214 

0.403 

600 

1.099 

0.099 

. 


Potassium Sulphate, K^SO^ 


5 

2.830 

0.915 

0.905 

10 

2.772 

0.886 

0.872 

20 

2.701 

0.851 

0.832 

50 

2.567 

0.784 

0.771 

100 

2.451 

0.726 

0.722 

200 

2.327 

0.664 

0.673 


« Hall and Harkins, loc . cit . 
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5 

10 

20 

50 

100 

200 


5 

10 

20 

50 


5 

10 

20 

50 

100 

200 

500 


Bo/rium Chloridej BaCl^ 


2.847 

0.924 


2.790 

0.895 

0.883 

2.730 

0.865 

0.850 

2.647 

0.824 

0.798 

2.585 

0.793 

0.759 

2.535 

C.768 

0.720 

Cobalt Chloride, 

, CoCL 


2.858 

0.929 


2.802 

0.901 


2.749 

0.875 


2.687 

0.844 


nthanum Nitrate, 

La(A'a,),, 


3.694 

0.898 


3.578 

0.859 

0.802 

3.440 

0.813 

. 

3.261 

0.754 

0.701 

3.149 

0.716 


3.063 

0.688 

. 

3.002 

0.6f)7 



The agreement between the ionization \-aIu('s as (Ictcrmined from 
conductance and freezing point measurements, in (he ease; of tlie salts of 
higher type, is not as close as in that of (he binary salts. The devia¬ 
tions in the more dilute .solutioms are in the neigliborliood of one per cent, 
for the uni-divalent salts. In solutions of potassium suli)liat(! the ioniza¬ 
tion values by the freezing i)oint method are slightly higher tlian those 
by the conductance method, except at a eoneeni rat ion of 0.2 normal, 
where the conductance metliod gives a slightly liiglier value;. On the 
whole, for this salt the agreement is fairly close and it is possible that 
the discrepancies which remain may be due to error in (he. value of Ao 
employed. In the case of barium chloride, (he ionization values by the 
freezing point method at the lower eoneent rat ions are slightly over one 
per cent higher than those by the eonduetaiKa; method. vM the higher 
concentration the difference in the values increases to fua; per cent at 
0.2 normal. The differences at the lower eoneent rat ions may ari.se from 
uncertainties in the values of A„, but ;it the higher eoneent rations there 
is evidently a definite divergenee between (he (wo eur\-es. A(;curatc con¬ 
ductance values for cobalt chloride tire not avtulable. d’he vtdues of i, 
however, do not differ greatly from those of barium chloride or potassium 
sulphate. 

In solutions of lanthanum nitrate, the ionization \’;dues as deter- 
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ained by the freezing point method are approximately seven per cent 
;reater than those determined by the* conductance method. Comparison, 
Lowever, can be made only at two concentrations. The discrepancies 
a the values appear to be -greater than might be expected from any 
lossible errors in the assumed value of Ao. In the case of magnesium 
ulphate, there is a marked divergence between the values of the ioniza- 
ion as determined by the two methods. However, as the concentration 
decreases, the ionization curves, as given by the two methods, approach 
ach other. 

Considering these results broadly, it may be concluded that the freez- 
Qg point and the conductance methods give values for the ionization 
;rhich fall very nearly within the limits of experimental error at concen- 
rations approaching 10"^ normal for solutions of the binary salts, and 
hat in the case of solutions of salts of higher type the differences between 
he values, as determined by the two methods, do not, in general, exceed 
^ne per cent at low concentrations for salts of the uni-divalent type, 
i^or salts of the di-divalent type, the discrepancies between the values, 
;S determined by the two methods, are markedly greater, lying in the 
leighborhood of 5 per cent, and the same is true of lanthanum nitrate, 
n general, however, in the case of salts of higher type, the divergence 
i the values determined by the two methods diminishes as the concen- 
ration decreases. 

Considering the results of freezing point determinations, it is a strik- 
ig fact, the significance of which cannot be ignored, that, as the concen- 
ration decreases, the molecular depression of the freezing point increases 
nd approaches a limiting value, which, in the case of salts of different 
7 pes, corresponds with the ionic structure of these salts and which is 
1 agreement with the fundamental ionic reactions assumed by the ionic 
[icory. So the value of i for the binary salts approaches a value of 2, for 
ernary salts 3, for quaternary salts 4, etc. While the significance of the 
greement between the results of freezing point and conductance meas- 
rements remains uncertain, the fundamental importance of the fact that 
le limits approached in the two cases are substantially the same should 
ot be overlooked. 

The difference between the results by the two methods at the higher 
oncentrations arc readily explainable, since the calculation of the num- 
er of molecules present in a mixture is based upon the assumption that 
le laws of dilute solutions hold. Even in the case of non-electrolytes, 
:ie laws of dilute solutions fail to hold at concentrations as low as 0.1 
ormal, and it is therefore a priori probable that the laws of dilute solu- 
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tions in electrolytic systems will fail at concentrations below this value, f 
Furthermore, in the case of salts of higher type, it is not improbable that 
intermediate ions are formed, as a result of which a divergence will arise ^ 
between the results as determined by conductance and by osmotic 
methods. 

Nernst ^ has called attention to the fact that, since the law of mass- 
action in its simple form does not hold for solutions of strong electrolytes, ^ 
the laws of dhute solutions cannot be applied to these mixtures. As a ' 
consequence, if the ionization is correctly determined l)y the conductance 
method, the ionization as determined by osmotic methods, assuming the ^ 
laws of dilute solutions to hold, should differ from that determined by ; 
conductance measurements. It appears, liowever, that in the case of j 
certain electrolytes, such as potassium chloride, osmotic* methods and 
conductance methods lead to the same value of the ionization, and, in 
the case of other electrolytes, the two methods lead to very nearly the 
same value at concentrations approaching normal. Yet, in the ^ 
neighborhood of 10'^ normal, strong electrolytes do not conform to the 
simple law of mass-action. Those who would use the results of osmotic 
methods to substantiate the correctn(‘ss of the* results of (‘onduc.tance f 
methods thus find themselves in a dilemma, for, if the two methods lead I 
to identical values of the ionization, th(‘n, if the* r(*sults of osmotic meas¬ 
urements are looked upon as correct, the* int(*r|)r(‘taiion of conducdance i 
measurements must be in error, while, if the res\ilts of condu(‘tancc meas- ! 
urements are accepted in their usual sense*, the* laws of dilute solutions 
are inapplicable. That the concordance of the ionization values deter¬ 
mined by conductance and osmotic methods at low concentrations is an 
accidental one is very impnybabk*. It a|)p(*ars, ralh(‘r, that this agree- j 
ment is the expression of a fundanK'iital pro{)crfy of such solutions. The ^ 
significance of this agreement, h()W(*v(*r, remains uncertain. This (pies- ^ 
tion will be discussed further in the next chapter. 

The molecular weight of (*l(‘ctrolyt(‘s in acjucous solutions has like- 
wise been determined from tin* m(‘asurcin(*nt of the* (‘hw'aticm of the boil- f 
ing point. The precision of such in{‘asur(‘inonts is ni‘(‘(*ssarily much 
lower than that of the freezing point dcpr(‘ssion and nc(‘d not b(^ disemssed > 
in detail here. The molecular weight of (dectrolytes in acpK'ous solutions ; 
has also been determined from vapor pr(*ssure nu'asun'mcnts.^ The 
experimental difficulties attending the use of this method are veiy great > 
and it is doubtful if the precision of such determinat ions e(|uals that of 


7 Nernst, Ztfichr. f. phiis. <'/irm. .is, iUi iltMU O 

«novc'lnco, Krazrr miU Seasr, J. Am, Chem. Soc. -p, 102 (1021), 



HETEROGENEOUS EQUILIBRIA 239 

the freezing point method. The results obtained agree well with those 
obtained by the freezing point method.®^ 

2. The Molecular Weight of Electrolytes in Non-Aqueous Solutions. 
A great many measurements have been made of the molecular weight of 
electrolytes in various non-aqueous solvents. With a few exceptions, 
the boiling point method has been employed. The resulting data suffer, 
consequently, from the inaccuracies inherent in this method. Measure¬ 
ments at low concentrations appear to be entirely lacking. In general, 
in solvents of fairly high dielectric constant, where the ionization is com¬ 
parable with that in water, the molecular weights as determined lie 
below the normal values and indicate ionization. In solvents of fairly 
low dielectric constant, usually below 20, the apparent molecular weight 
rarely indicates ionization at higher concentrations. 

The most extensive molecular weight determinations in a non-aqueous 
solvent have been made by Walden and Centnerszwer ^ with solutions in 
sulphur dioxide. In Table LXXXIX are given values of the van't Hoff 
factor i for various electrolytes dissolved in sulphur dioxide at dilutions 
from 1 to 16 liters. An inspection of the table shows that, at a dilution 

TABLE LXXXIX. 

Values of i for Electrolytes Dissolved in Sulphur Dioxide. 




Vz=z 1 

2 

4 

8 

16 

1. 

KJ . 

. 0.42 

0.55 

0.63 

0.74 

0.86 

2. 

KCNS . 

. 0.41 

0.49 

0.60 

0.68 

0.71 

3. 

NaJ . 


0.57 


■ . > . 


4. 

NH,J . 

. 0.41 

0.53 

0.64 

0.71 

0.82 

5. 

NH,CNS . 

. 0.29 

0.40 

• • • . 

• • . . 


6. 

RbJ . 

. 0.52 

0.61 

0.73 

0.82 

0.85 

7. 

... 

. 0.28 

0.38 

0.49 

0.62 

0.81 

8. 

N(CH.,)..H..Cl .. 

. 0.87 

0.79 

0.76 

0.82 

0.86 

9. 

N(CH,,)„HC1 ... 

. 1.12 

1.00 

0.99 

0.96 

0.96 

10. 

NICPLyCl . 

. 1.16 

1.08 

1.05 

1.03 

1.02 

11. 

N(CH.,),,Br . 

. 1.30 

1.10 

1.01 

0.97 

0.95 

12. 

N(CH;:),,r. 

. 1.26 

1.20 

1.16 

1.18 

1.23 

13. 

N(C„HJH.,CI ... 

. 0.43 

0.50 

0.62 

0.68 

0.71 

14. 

N(drL,).,TL.(M .. 

. 0.70 

0.69 

0.70 

0.76 

0.78 

15. 

N(dii;):nci ... 

. 1.15 

1.06 

1.06 

1.05 

1.06 

16. 

N(c.:H.;);r,. 

. 1.61 

1.39 

1.27 

1.17 

1.11 

17. 

N(CJI-)H.,Cl ... 

. 0.44 

0.51 

0.59 

0.72 

0.80 

18. 

S(CH..).,I ■. 

. 0.84 

0.97 

1.03 

1.06 

1.08 


“'‘According; to IIc‘uk(^ (TIiohih, Univ. of Ill., 1914), the apfreement between the con- 
tliictance and IIh; vapor prt'HHVir(' iiu'thod does not hold for KCl at 25®. See also Wash- 
bum, “PrinciploK of Pliysicnl CheiniHlry,” Ed. 2, p. 208. 

® Walden and Ccntuersicwer, Ztschr. /. phya. Chem. 39^ 518 (1902). 
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of 16 liters, a few salts have a value of i greater than unity, while the 
greater proportion of the salts has a value of i less than unity. At 
higher concentrations the curves exhibit a very complex form. In the 
case of most of the substances which have a relatively high value of i at 
lower concentrations, the value changes but little until a concentration 
of 0.2 normal is reached, when the value of i begins to increase rapidly 
with increasing concentration. In the case of salts having a low value of 
i at the lower concentrations, the value of i, in general, decreases with 
increasing concentration, particularly as normal concentration is ap¬ 
proached. Certain of the electrolytes exhibit an exceptional behavior 
in that the curves of the i values intersect those of the majority of the 
electrolytes. It is evident that molecular weight determinations in sul¬ 
phur dioxide are uncertain in their significance. On the whole, the curves 
exhibit a definite trend as the concentration decreases indicating that the 
value of i will ultimately rise above unity. It is to be borne in mind 
that the ionization of salts in sulphur dioxide is relatively low, being in 
general less than 20 per cent in the neighborhood of 0.1 normal. Further¬ 
more, even in the case of aqueous solutions, freezing point and con¬ 
ductance methods lead to divergent results at higher coruxntrations. If 
the divergence of a solution of an electrolyte from the simple laws of 
dilute solutions is in any considerable measure due to the electrostatic 
action of the charged particles upon one another or upon the solvent me¬ 
dium, then it is to be expected that as the dieleciric. constant of the sol¬ 
vent is smaller, the divergence at a given (‘onciaitration will be greater, 
since the force due to a charged particle varies in\'(‘rs(‘ly as the dielectric 
constant. It seems not improbal)le, also, that, in th(‘ (‘ase of certain sol¬ 
vents, polymerization may take place t(y a considc^rahle (‘xient at higher 
concentrations. This would greatly c()mpli(‘ate tlu^ Ixhavior of these solu¬ 
tions and would make it impossible to int(Tj)n‘t cilh(‘r tlic^ n'sults of 
conductance or of osmotic measurements. 

The molecular weights of a number of eIe(*trolyt(‘s in licfuid ammonia 
at its boiling point have been determined by Franklin and Kraus from 
the boiling point measurements. Owing to tin; exc(‘pf ionally low value 
of the boiling point constant of liquid ammonia, about nuaisunancnts 
below 0.1 normal were not made. As a consecpKaice, the dclerminations 
relate almost entirely to concentrations at whi(‘h it might })e (‘Xi)cctcd that 
the laws of dilute solutions would not hold. In g(‘n(‘ra,l, in the neiglibor- 
hood of 0.1 normal, the observed elevation of the boiling point corre¬ 
sponds approximately with a normal value of th(^ mohaaihir weight of 
the dissolved electrolyte. At higher (‘omaaitration.^, the moh'cular cleva- 

Franklin and Ivraua, Arn. Chart. J. 20, 830 (1SU8). 
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tion of the boiling point increases in the case of all the salts measured. 
It is obvious that in these solvents the concentration at which the meas¬ 
urements were carried out is too high to admit of a comparison with 
the results of the conductance method. In comparing the results of the 
conductance method with that of other methods of determining the degree 
of ionization of salts in non-aqueous solvents, it should be borne in mind 
that, according to conductance measurements, the deviations from the 
law of simple mass-action increase greatly as the dielectric constant of 
the medium decreases. If, then, the deviations from the laws of dilute 
solutions lead to a lack of correspondence between the results of the 
osmotic and the conductance methods, the discrepancy between the results 
of the two methods should be the greater, the greater these deviations. 
It might be expected, therefore, that, in solvents of low dielectric con¬ 
stant, the discrepancies would prove to be very great. 

In solvents of fairly high dielectric constant, molecular weight deter¬ 
minations by osmotic methods yield values for the ionization which are 
comparable with those resulting from conductance measurements, and 
the ionization increases as the concentration decreases. In making such 
comparisons, however, it should be borne in mind, not only that the ex¬ 
perimental errors are great in the osmotic determinations, but, also, that 
the conductance values are more or less uncertain, and that the values 
of Ao are often subject to considerable errors. ' In the following table are 
given values of the ionization as determined from conductance meas¬ 
urements and as determined from the elevation of the boiling point 
for solutions of (CJIJ^NI in a number of solvents.^^ 

TABLE XC. 


Values of i for Solutions in Different Solvents. 
CIi,OH CH3CN 


V 


3 

6 

12 

V 

10 

15 



. 0.38 

0.45 

0.52 

• 

. 0.48 

0.54 

n 


. 0.24 

0.29 

0.38 

% • 

. 0.49 

0.57 



C„H„OH 




C,H,CN 



V 


30 


V 

30 



V 


0.41 


Y 

. 0.53 



‘ c 




‘‘C 




n 


0.30 


. % 

.. 0.54 



Walden, Ztachr. /. phya. Ohem. 55, 281 (1906), 
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While the correspondence between the two methods is not very exact, 
nevertheless it is evident that the relations in these solvents are similar 
to those found in aqueous solutions. 

In pyridine the values of i are in general less than unity, as may be 
seen from the following table. 

TABLE XCI. 

Values of i for Solutions in Pyridine. 


AgNOs (^2115) 4NI 

1 2 8 V= . 16 32 

0.77 0.75 0.91 i= . 0.73 0.82 



The molecular weight of sodium iodide in acetone has been deter¬ 
mined by McBain and Coleman.^^ The values obtained are very nearly 
normal from 0.9 to 0.04 normal concentrations. If anything, the mole¬ 
cular weights are slightly larger at the lower concentrations. At these 
concentrations, the conductance method indicates an ionization varying 
from 17 to 43 per cent. It is evident that in this solvent the results of 
conductance and of osmotic measurements arc not in agreement. In 
acetone, however, the deviations from the law of simple mass-action are 
large, and there is evidence that polymerization of the dissolved salts 
takes place, presumably with the formation of complex ions.>=» This 
renders the interpretation of results in the more, c.onci'nl rated solutions 
dfficult. 

Phenol is the only non-aqueous solvent in which the molecular weights 
of salts have been determined at relatively low concentration. Ricsen- 
feld,^® from the freezing point of a saturated solution of potassium iodide 
in phenol, whose concentration is 0.0045 normal, obtained a value of 170, 
for the molecular weight of potassium iodide, wliich corrc.sponds closely 
with the normal value of 166. The cciuivalcnt conductance of solutions 
of potassium iodide in phenol at thc.se concentrations is of tlie order of 
1.0. Hartung” has measured the molccnilar weights of a number of 
salts in phenol by the freezing point method. These include tetramethyl- 
ammonium iodide, sodium acehitc, aniline hydrochloride, dimethylamine 
hydrochloride, as well as several organic sails of alkali metals. The 
concentrations run to dilutions, in some casc.s, as low as 0.01 normal. In 
the following table are given the values obtained for i for solutions of 
tetramethylammonium iodide and sodium acetate in j)henol. With 
aniline hydrochloride, i has a value of unity at a c<incenl ration of 0.02 N 

” McBain and Coleman, Trans. Furadav i < oc . /,7, 45 (1919). 

Serkov, Ztschr. f. phys. Chem. 7S, r>()7 (1910). 

Riesenfeld, Ztschr. /. phys. Cficm. l,l, 34(1 (1902). 

i^Hartung, Ztschr. /. pJiys. Chem. 77, 82 (1911). 
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and decreases to values less than unity at higher concentrations. In the 
case of dimethylanaine hydrochloride i has a value of 1.18 at 7 23, 

and decreases to a value in the neighborhood of unity at a dilution of 

TABLE XCII. 

Molecular Weights of Salts in Phenol. 


Tetramethylammonium Iodide. M = 201.1 


V 

M(obs.) 

i 

92.7 

135.5 

1.48 

38.9 

143.5 

1.40 

22.9 

150.2 

1.34 

12.3 

163.9 

1.23 

8.18 

171.5 

1.17 

5.70 

177.6 

1.13 

4.75 

182.6 

1.10 

4.08 

185.4 

1.08 

3.52 

188.8 

1.07 

3.05 

189.0 

1.06 

2.67 

190.0 

1.05 

2.40 

191.1 

1.05 

2.10 

191.5 

1.06 

1.73 

188.9 

1.07 

1.59 

185.3 

1.08 


Sodium Acetate. M = 82.1 


V 

M (obs.) 

i 

41.8 

46.6 

1.75 

29.5 

48.8 

1.66 

20.5 

54.0 

1.51 

16.3 

57.5 

1.43 

13.3 

59.9 

1.37 

11.4 

61.8 

1.33 

9.68 

63.5 

1.30 

8.70 

65.0 

1.27 

7.62 

66.5 

1.23 

6.86 

67.1 

1.22 

5.89 

68.0 

1.20 

5.12 

69.5 

1.19 

4.43 

70.2 

1.16 

3.85 

72.0 

1.14 

3.37 

73.5 

1.11 

2.98 

76.7 

1.06 

2.65 

78.4 

1.04 

2.37 

81.0 

1.01 

2.15 

82.9 

0.99 

2.0 

83.0 

■ 0.99 
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2 liters. As may be seen from the tabic, the value of i for tetramethyl- 
ammonium iodide in the neighborhood of 0.01 N is approximately 1.50, 
while that for sodium acetate is even higlier than tliat of tctramethyl- 
ammonium iodide, being 1.75 at V = 41.8. 

Phenol has a dielectric constant of 9.68 and the high values obtained 
for i are unexpected. The conductance of solutions of tetramethylam- 
monium iodide in phenol at 45° has been measured by Kurtz.^^» The 
constants for these solutions are m = 1.28, D = 0.69, X = 2.3 X 10-* 
and Ao = 16.67. Solutions of tetramcthylammonium iodide in phenol 
thus exhibit an ionization not very different from that found for solutions 
of typical salts in other solvents, having a dielectric constant in the 
neighborhood of 10. While the ionization is marked at the lower con¬ 
centrations, the value is much lower than corresponds to the value of i 
found by Hartung. Thus, at a concentration 0.01 N, the ionization from 
the conductance values is 0.194 in contrast .to 0.48 from freezing point 
determinations. 

It is evident that there is a wide diserc^pancy between the values of 
the ionization as determined by the two methods. It is particularly 
striking that the values of i found for salts of w(‘ak organic*, acids are 
higher than those for typical electrolytes. Sin(‘e plienol is an acid sol¬ 
vent, it is probable that a solvolytic reaction takes place when a salt is 
dissolved in phenol according to the equation: 

PhOH + MX =3 MOPh IIX. 

If this were the case, we should expe(‘t tlict grt‘atcst values of i in the 
case of salts of weak acids and l)ases, which would a(a‘ount for the high 
values found for solutions of tetramethylaniinonium iodide and sodium 
acetate. Lacking further experiin(*ntal inaft'riai, howev(‘r, the (lucstion 
must be left open. 

The results obtained from mok'cular wc'ight (h*f('nninations indicate 
that, in solvents of interuK'diate dicle(‘iric censlant, the values of y,- 
approach those of y^. at low concentrations. A(, high concentrations the 

divergence is often grc'at and tin* variation of (Ik* / w-ilucs di'pcnds grctitly 
on the nature of the electrolyte. In solvents of dieleciric, constant lower 
than 20, the values of y by the two m(‘(h(Hls an* in agn‘cin(‘nt. This 
is not surprising, since th{‘S(‘ solutions may be cx])ccl(‘d to show large 
divergences from the laws of ideal systems. So far as may he judged 
from the available material, however, at veay low (‘onctmtrations, y,^ and 

7 ^ approach a common limit in non-acpK'ous solutions. The Corre¬ 
ia® Kurtz, Tliesis, Clark Uiiiv. (1020). 
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spondence found between the values of and in aqueous solutions 

appears, therefore, to be a property of electrolytic solutions in other 
solvents also. 

3. Solubility of Non-Electrolytes in the Presence of Electrolytes. 
The solubility of non-electrolytes in water is, in the majority of cases, 
depressed by the addition of an electrolyte. The effect of the added 
electrolyte on the solubility depends upon the nature of the substance in 
question, as well as upon that of the added electrolyte. If reaction takes 
place between the two, the solubility is naturally influenced by this 
reaction. 

For certain substances, the solubility is very nearly a linear function 
of the concentration of the added salt, in which case it may be expressed 
by the equation; 

(62) S = S, + BS,C 

where S„ is the solubility of the non-electrolyte in pure water, S is the 
solubility in the presence of the salt at the concentration (7, and B is the 
solubility coefficient, which is a constant if the solubility varies as a 
linear function of the concentration. In general, however, the solubility 
function is not a linear one. Tlic change in the solubility for a given 
addition of electrolyte is, as a rule, the greater the smaller the amount of 
electrolyte added. The solubility is more accurately expressed by the 
equation: 

s 

(63) log -g- = where p is a constant. 

/Oo 

In the following tiiblc a,re given values for the solubility of hydrogen 
in aqueous solutions of different electrolytes.^® In pure water, the solu- 


TABLE XCIII. 

Solubility of Hydrogen in Aqueous Solutions of Electrolytes at 
Different Concentrations at 25°. 


c = 

0.5 

1 

2 

3 

■ 4 

CH3COOH .. 

. 0.0192 

0.0191 

0.0188 

0.0186 

0.0186 

CH.C1COOH 

. 0.0189 

0.0186 

0.0180 

.... 


HNb, . 

. 0.0188 

0.0183 

0.0174 

0.0167 

0.0160 

HCl . 

. 0.0186 

0.0179 

0.0168 

0.0159 

.... 

H2SO4 

2 . 

. 0.0185 

0.0177 

0.0163 

0.0150 

0.0141 

KOH. 

. 0.0167 

0.0142 

.... 

....' 

.... 

NaOH . 

. 0.0165 

0.0139 

0.0097 

0.0072 

0.0055 

RothinuDd, 

Ztsuhr. f. Electroch. 

7 , G7G (1901) 

; Ztschr. 

jf. phys. Chem. 

69, 524 


a909) ; NernHt;, ihUL, :iS, 41)4 (11)01). 

GefiCcken, Zt8chr. f. pfiys. Chem. //9, 257 (1904). 
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bility of hydrogen at 25° is 0.01926. The results are shown graphically 
in Figure 48. An examination of the table shows that solubility depres¬ 
sion is a specific property of the electrolyte. The depession due to 
chloroacetic acid is slightly greater than that due to acetic acid. Nitric, 
hydrochloric and sulphuric acids cause a small, but^ markedly greater, 
depression of the solubility. On the other hand, sodium and potassium 
hydroxides cause a marked depression of the solubility. 

The solubilities may be compared by means of the solubility coeffi- 



/rt en sn 


Concentration of Added IClociroIyto. 

Fig. 48. Solubility of Hydrogen in Water at 25'’ in the Presi'iu^e of iOlectrolytes 

at Varying Concentrations. 

cient for the percentage equivalent solubility (diMng(‘, ns defined by the 
equation: 

(64) i?' = 100X f. 

In Table XCIV are given the valu(‘s of the ptu'ctnittigc e(|ilivalent 
solubility depression of hydrogen, corresponding to liable XCIII. If 
the solubility varied as a linear function of the coiKanitration of the salt, 
the equivalent percentage solubility depression would be a constant. As 
may be seen by reference to Figure 48, the curves are convex towards the 
axis of concentrations, which corres])onds to a d(‘ereas(‘ in the solubility 
coefficient. In Table XCV are given valiU‘s of tlu^ n‘lativ(‘ pc'rcentage 
solubility depression for nitrous oxide and in Table XGVI those for 
oxygen at 25° and 15°. It will be observed, in the first pla(‘.e, that the 
percentage solubility effect is in certain eases a function of the tempera- 
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TABLE XCIV. 

Equivalent Percentage Solubility Depression for Hydrogen in 

Water at 25°. 


c = 

0.5 

1 

2 

3 

4 

CH 3 COOH.. 

• • • « • • 

1.0 

1.0 

1.0 

1.0 

CH„ClCOOH . 

.... 3.7 fo 

3.4 

3.3 



HNOa . 

.... 4.8 

4.9 

4.8 

4.4 

4.2 

HCl . 

.... 7.3 

7.0 

6.4 

5.8 


H 3 SO, 

2 . 

.... 8.0 

8.1 

7.7 

6.7 

, • 

KOH . 

.... 26.6 

26.4 




NaOH . 

.... 28.6 

27.9 

24.*8 

26*9 

17.9 


TABLE XCV. 

Relative Percentage Solubility Depression op Nitrous Oxide 

AT 25° AND 15.° 


p — 


t 

z=25° 



t = 

15° 

u — 

0.5 

1 

2 

3 4 

0.5 

1 

2 

HNO 3 .. 

.. —1 - 

-1 - 

- 1.1 

.. •. 

0 

0 

0 

HCl .... 

. + 5.7 + 4.4 + 3.1 

.. 

+ 5 . 9 + 5 . 1 + 4.0 

H 0 SO 4 

2 

CD 

8.7 

7.2 

6.3 5.5 

11.3 

10.2 

8.6 

NH,C1 . 

. 12.4 

10.9 


.. 

12.8 

11.2 


CsCl ... 

.. 16.8 

, , 


• • • • 

17.5 

• • 


KJ .... 

. 17.8 

17.2 


• • • • 

19.5 

18.6 


KBr ... 

. 19.5 

18.3 


• • • • 

20.8 

19.4 


LiCl ... 

. 19.8 

18.7 


• • > • 

20.8 

19.9 


RbCl ... 

. 20.5 

18.7 


.. .. 

21.3 

19.7 


KOI ... 

. 20.6 

20.0 


• • * • 

23.6 

20.6 


KOH .. 

. 26.9 

26.6 


•. • • 

28.3 

28.1 



3 


7.5 


4 


6.9 


TABLE XCVI. 


Relative Equivalent Puiujentagb Solubility Dei>eession of Oxygen at 25° and 15°. 


t = 25° t = 15° 


c = 

0.5 

1 

2 

3 

4 

5 

0.5 

1 

2 . 

3 

4 

5 

HNOa ... 

4 

4 

4 




8.3 

7.4 

6.6 




HCl . 

H.SO .1 

.. 7.8 

6.8 

6.3 


•• 

•• 

10.4 

8.9 

8.8 

•• 

•• 


2 

.. 13.0 

10.7 

9.4 

8.4 

8.1 

7.5 

13.8 

12.1 

10.7 

9.9 

8.8 

8.3 

NaCi ... 
KBO, 

.. 30.0 

27.6 

24.3 



•• 

30.3 

28.4 

25.1 

•• 

•• 

•• 

~ 2.. * *' 

.. 35.7 

32.8 




.. 

38.0 

34.7 

.. 


.. 

.. 

KOH .... 

,. 36.4 

33.1 





39,7 

35.5 





NaOH ... 

.. 37.7 

33.8 

28’.6 




41.3 

36.4 

30*6 

.. 

,, 

,, 
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ture, while in other cases the solubility effect is relatively independent of 
temperature. In the presence of nitric acid, the coefidcient for oxygen 
increases from 4 to 8 per cent, as the temperature falls from 25° to 15°. 
In the presence of hydrochloric acid the coefficient increases slightly, 
while in the presence of sulphuric acid the coefficient changes but little. 
In the presence of sodium chloride, the coefficient is practically identical 
at the two temperatures. The solubility of nitrous oxide appears to vary 
less than that of oxygen as the temperature changes. 

The order of the electrolytes in terms of their solubility effect is 
practically the same for different gases. Indeed, in many cases, the 
solubility coefficients for different gases are very nearly the same for the 
same electrolyte. An inspection of the tables will show that, in general, 
the order in which the electrolytes appear is the same. In certain cases, 
however, the solubility effects show an influence due to the nature of the 
dissolved gas. For example, in a 1.0 normal solution, the solubility 
coefficient for hydrogen in the presence of nitric acid is 4.9, that of 
oxygen is 4, and that of nitrous oxide is — 1 per cent. The negative sign 
indicates that the solubility is increased on addition of the electrolyte. 
The solubility effect is smallest in the caSe of the acids and is greatest in 
that of the bases. The solubility coefficients for the salts are, in general, 
slightly smaller than those for the bases. 

In Table XCVII are given values of the i)ereentagc equivsdent solu¬ 
bility depression for a variety of substan(;cs in the presence of different 
electrolytes. A comparison of the result.s collecfed in this table shows 
that the order of electrolytes as regards their effect on the solubility of 
different substances is practically identical tbrougbout. This is particu¬ 
larly true in the case of those substances where reactioti wi(b the (electro¬ 
lyte is not to be expected. The smallest eff(ect for typi(eal s;dts is ob¬ 
served in the case of ammonium nitrate. Ifowan-er, any general relation 
between the nature of the electrolyte and tlue natui'c of the solubility 
effect cannot be established. The action is s[)('ci(ic in character. 

With a few exceptions, the addition of an (dccfrolytc to a solution 
of a non-electrolyte in water causes a dci)ression in the solulrility of the 
non-electrolyte. This effect, which has been calhal a “s;dting out” 
effect, is not, however, characteristic of electrolytes alone. For example, 
the percentage equivalent solubility depression of hydrogen in water in 
the presence of sugar at normal concentration is 32. Similarly, the 
equivalent depression of hydrogen at the same concentration at 20° is 
9.2 for chloral hydrate. The depression for sugar is greater than that for 
most salts, while that for chloral hydrate is greater than that for the 

” Euler, Ztschr. f. pJiys. CJicm. 'iD, 310 (1004). 
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250 PROPERTIES OF ELECTRICALLY CONDUCTING SYSTEMS I 

acids. Obviously, the ''salting out^’ effect cannot well be ascribed to fi 
some property peculiar to electrolytes alone. | 

In a few instances, the addition of a salt causes a marked increase i 
in the solubility of a non-electrolyte. This is the case with ether in * 
water in the presence of sodium salts of aromatic acids.^® While the 
salts of the aliphatic acids cause a marked depression in the solubili^, 
those of the aromatic acids cause an increase in solubility. 

In Table XCVIII are given values of the equivalent percentage solu- ^ 
bility increase of ether in water due to the addition of 0.5 N salts of | 
different acids. j 

TABLE XCVIII. 

Solubility Constants for Ether in the Presence of Sodium Salts •/ 

OF Aromatic Acids. f 

i 

Solubility ; 

Solubility Coefficient 

5.88 1.5 

6.29 15.0 i 

5.99 4.8 f 

6.44 20.0 ( 

6.05 7.0 ! 

The solubility of ether is given in the second column. The solu¬ 
bility of ether in pure water is 5.85 grams per 100 grams of water at 28°. 

It is evident that the so-called “salting out” clTcct is not a property 
characteristic of all electrolytes. r 

It is of interest to examine the solubility effiads in non-atiueou.s solu¬ 
tions. Here the data are very meager. Thorin has measured the 
solubility of phenylthiourea in ethyl alcohol at 28". The results are 

TABLE XCIX. 

Solubility of Phenylthiourea in Ethyl Ai.coiroi. in the Presence f 


OF Electuolyte.s. 

Electrolyte Concentration Soluliility B' 

LiCl . 0.168 norm. 0.2274 norm. GO 

“ 0.337 0.23G0 42 

“ 0.673 0.2440 27 

“ 1.346 0.2494 15 


Salt 

0.5 N Sodium Phthalate . 

0.5 N Sodium Cinnamate . 

0.5 N Sodium Benzoate. 

0.5 N Sodium Salicylate . 

0.5 N Sodium Benzenesulphonate 


Thorin, ZUchr. f. p]iyH. Chnn. (JSS (l‘Jir»). 
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TABLE XCIX.—Continued 


Electrolyte 

Concentration 

Solubility 

B 

CaCl^. 

....... 0.061 

0.2101 

28 

i( 

. 0.122 

0.2135 

28 

C( 

. 0.244 

0.2194 

25 

ii 

. 0.487 

0.2279 

21 

iC 

. 0.975 

0.2372 

15 

NaJ . 

. 0.043 

0.2102 

42 

H 

. 0.086 

0.2148 

46 

ii 

. 0.172 

0.2198 

37 

a 

. 0.343 

0.2271 

29 

ii 

. 0.685 

0.2359 

21 

NaBr . 

. 0.022 

0.2098 

73 

it 

. 0.043 

0.2194 

66 

it 

. 0.086 

0.2165 

57 

it 

. 0.172 

0.2257 

54 


given in Table XCIX. The solubility in pure alcohol is 0.2065 grams 
per hundred grams of solvent. The equivalent percentage solubility in¬ 
crease is given in the last column under B'. 

It will be observed that the solubility coefficient is initially quite 
large and decreases markedly at the higher concentrations. The solu¬ 
bility is in all cases increased, but, as in the case of aqueous solution, the 
solubility effect is a property of the electrolyte in question. The effect 
is greatest for lithium chloride, in which case the solubility is increased 
approximately 20 per cent in a normal solution of the electrolyte. 

Some writers have ascribed the depression of the solubility of non¬ 
electrolytes in water, due to electrolytes, to the action of the ions 
upon the non-electrolyte. If any interaction of this kind actually takes 
place, it must be of a secondary nature, and greatly qualified by the 
nature of the ions with which the charges are associated. The increase 
in the solubility of phcnylthiourea in alcohol clearly indicates that the 
action of the salt upon the non-electrolyte is greatly affected by the 
nature of the solvent medium. Further experimental data on the effects 
of salts on the solubility of non-electrolytes in non-aqueous solutions are 
of much interest. 

4. Solubility of Salts in the Presence of Non-Electrolytes. The 
solubility of salts in aqueous solutions is in general depressed by the 
addition of non-electrolytes. The solubility change, as a rule, follows 
very nearly, although not quite, a linear relation. In the following table 
are given values for the solubility of lithium carbonate in water at 25° in 
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th© pres6ncG of various non-elGctrolytcs, at different concentrations.^® 
The solubility of lithium carbonate in pure water is 0.1687 equivalents 
per liter. 

TABLE C. 


Solubility of Lithium Carbonate in the Presence of 
Non-Electrolytes. 


Mols of non-electrolyte 

%- 


Vs- 

1-norm. 

1. 

Methyl alcohol. 

.. .... 

0.1604 

0.1529 

0.1394 

2. 

Ethyl alcohol. 

. 0.1614 

0.1555 

0.1417 

0.1203 

3. 

Propyl alcohol . 

. 0.1604 

0.1524 

0.1380 

0.1097 

4. 

Amyl alcohol (tertiary) 

. 0.1564 

0.1442 

0.1224 

0.0899 

5. 

Acetone . 

. 0.1600 

0.1515 

0.1366 

0.1104 

6. 

Ether . 

. 0.1580 

0.1476 

0.1300 

.... 

7. 

Formaldehyde . 

0.1668 

0.1653 

0.1606 

0.1531 

8. 

Glycol . 

0.1660 

0.1629 

0.1565 

0.1472 

9. 

Glycerine . 

0.1670 

0.1647 

0.1613 

0.1532 

10. 

Mannite . 

0.1705 

0.1737 

0.1778 

• • . . 

11. 

Grape sugar. 

0.1702 

0.1728 

0.1752 

0.1778 

12. 

Cane sugar . 

0.1693 

0.1689 

0.1661 

0.1557 

13. 

Urea . 

0.1686 

0.1673 

0.1643 

0.1605 

14. 

Thiourea . 

0.1667 

0.1643 

0.1600 

0.1523 

15. 

Dimethylpyrone. 

0.1562 

0.1460 

0.1284 

0.0992 

16. 

Ammonia . 

0.1653 

0.1630 

0.1577 

0.1466 

17. 

Diethylaminc .. •. 

0.1589 

0.1481 

0.1283 

0.0937 

18. 

Pyridine . 

0.1592 

0.1503 

0.1347 

01091 

19. 

Piperidine . 

0.1584 

0.1488 

0.1320 

0.1009 

20. 

Urethane . 

0.1604 

0.1525 

0.1377 

0.1113 

21. 

Acetamide . 

. .... 

0.1614 

0.1520 

0.1358 

22. 

Acetonitrile . 

0.1618 

0.1556 

0.1429 

0.1178 

23. 

Mercuric cyanide. 

0.1697 

0.1704 

.... 

.... 


It will be observed that, with a few excepti(}iis, of which inannit(‘ and 
grape sugar arc the most striking examples, th(‘ soluhility is d(‘pr(‘ssc‘d by 
the addition of non-electroIyt(‘s. In gcaica-al, the d(‘pr(‘ssi()n is flic* greater 
the smaller the dielectric constant of th(‘ a(id(‘(l non-(‘leclrolyt(‘, although 
this relation docs not hold exactly, sinc(‘, for t*xainpl(‘, tin* addition of 
ether causes a smaller decrease* in the* solubility than does that of amyl 
alcohol. , With increasing conipl(‘xity of tie* carbon grou{) the d(*pression 
of the solubility, in geiuTal, increas(‘s. The soluhilit ies may lx* expn'sscal 
approximately as a function of c(jncen(ration by Iviuation 63, 

In the following table are giviai thci values of 100(1 for s(tu<ions of a 
number of salts in water in the ])resence of non-elect roly teis."^ Tliti non- 

20 Rotlimuncl, ztsclir . /, ?>/<//«. 67/rw. 531 (1300). 

21 Rothmund, loc . cit . 

























HETEROGENEOUS EQUILIBRIA 253 

TABLE Cl. 

Solubility of LiCO;„ Ag^SO^, KBrO;„ KCIO^, Sr(0H)2.8H20 at 25° in 
THE Presence of Electrolytes. 


Values of 100 p. 



LUCO, 

AgsSO-i 

KBrOa 

d 

o 

Sr(0H)g.8H20 

Amyl alcohol (tert.).. 

63.0 

54.2 

44.3 

28.5 

54.1 

Dimethylpyrone . 

56.1 

. . 

43.8 

19.3 

71,0 

Ether . 

52.4 

52.2 

38.1 

19.8 

51.3 

Dimethylpyrone. 

54.6 

42.7 

, , 



Piperidine . 

50.5 

. . 

37.6 



Formaldehyde . 

(9.5) 

32.4 

37.1 

, , 

, . 

Methylal. 

. . 

53.1 

33.1 

10.5 


Propyl alcohol. 

41.7 

40.4 

31.2 

18.7 

3^6 

Pyridine. 

44.4 

. . 

28.3 

9.0 

36.7 

Methylacetiite. 

. . 

46.5 

25.9 

6.4 

, , 

Acetonitrile . 

34.6 (- 

-134.8) 

. , 

, , 


Ethyl alcohol . 

33.6 

31.9 

24.9 

10.8 

22.8 

Chloral. 

, . 

27.9 

. , 


• • 

Acetone . 

42.4 

39.1 

23.5 

3.3 

37.5 

Phenol . 

.. (■ 

- 70.0) 

23.0 

16.0 


Cane sugar . 

(5.0) 

(-1.5) 

20.7 

, , 

, , 

Urethane . 

41.0 

36.7 

18.7 

10.5 


Methyl {il(‘()h()l . 

19.3 

22.1 

14.7 

10.1 

3A 

Acetamide . 

20.8 

10.7 

14.4 

3.8 


Ammonia . 

14.0 


14.3 

0.1 

12.3 

Glycol . 

14.2 

10.3 

10.3 

8.2 

(-19.9) 

Thiourea . 

10.3 

, . 

. . 

, . 

. . 

Glycerine . 

9.3 

3.4 

11.6 

9.8 

(-54.3) 

Mannite .(- 

-10.5) ( 

— 20.3) 

11.6 

. . 

. ( r -174) 

Acetic a(h(l . 


12.3 

9.4 

1.5 

. . 

Grape .f 

li.t)) (- 

-11.6) 

6.3 



Formamide . 

. . 

(—2.2) 

1.1 

— 8.5 

. . 

Urea . 

4.5 (■ 

-25.3) 

0.0 

— 4.7 

3.6 

Glycocoll . 

•• (- 

-96.3) - 

-9.4 



cl(‘ctr()lyl(‘s :ir(‘ arranj>;(‘d 

vci'i/ica 

lly in tlie 

order of 

their 

effect on the 


. solul)ility of potassium b'romatc. Those values which appear in paren- 
tlu'scs ill the talilc arc! such in which interaction between the non-electro- 


lyt.e and the ci('ctrolyt,e jirobably occurs. A negative value of the solu- 
bilit.y cocllicicnt indicates an increase in the solubility. With the possible 
exception of iiotassium broinate in the presence of glycocoll and potas¬ 
sium perchlorate in the presence of formamide and urea, the increased 
solubilities are probably to be ascribed to interaction between the elec¬ 
trolyte and tlie non-electrolyte. 
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For lithium carbonate, silver sulphate, potassium bromate, and potas¬ 
sium perchlorate, there is a rough parallelism in the order of the solu¬ 
bility effects among the different electrolytes in the presence of a non¬ 
electrolyte, although numerous exceptions occur, particularly in the case 
of lithium carbonate. So, also, the solubility effect in general decreases 
in the order lithium carbonate, silver sulphate, potassium bromate, potas¬ 
sium perchlorate, although here, again, exceptions are found. There can 
be no question, however, that a parallelism exists between the solubility 
effects for different salts and for different electrolytes. Roughly, those 
non-electrolytes which suffer the greatest solubility change on the addi¬ 
tion of a non-electrolyte cause the greatest change in the solubility of a 
given electrolyte, and those electrolytes which cause the greatest change 
in the solubility of a given non-electrolyte suffer the greatest solubility 
change on the addition of a given non-electrolyte. These relations, how¬ 
ever, are only roughly true. It is again evident that the effect of different 
non-electrolytes on the solubility of electrolytes i.s primarily a function 
of the nature of the electrolyte and of the added non-electrolyte. Similar 
measurements on the solubility effects in non-aqueous solvents do not 
exist. * 

5. Solubility of Electrolytes in the Presence of Other Electrolytes. 
If an electrolyte is added to a solution of another .electrolyte*, wliiedi is 
present as a solid phase in equilibrium with its solution, the solubility 
effect will obviously depend upon the interaction between tlie two elec¬ 
trolytes. Since electrolytes in solution are ionized and e<iuilibrinm (istab- 
lishes itself almost instantaneously, it is to be expecicd tliat various 
effects will be observed. We have to consider here (wo c;ise.s wliieli are 
of practical importance: First, the solubility of an eleetrolyfe in the pre.s- 
ence of another electrolyte with a conimon ion; .and, .■^eennd, (Ik* .-■ohiliility 
of an electrolyte in the presence of another electroly(e wi(hou( ;i com¬ 
mon ion. 

a. Solubility of Weak Electrolytes in the Piy .si nee of Strony FArctro- 
lytes with an Ion in Common. If the law of m;is.<-ac(ion is a[)i)lic;d)le 
the addition of a binary electrolyte to .-i ,'^econd hin.-iry eleciroly(e Imving 
an ion in common should cau.^e a dei)ression in the sohibilKy of the second 
electrolyte. We have the eriuations: 


iR,’ X -V, 
S. 




M.: V V - 
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it being assumed that the two electrolytes have a negatives ion X' in 
common. Here, is the concentration of the un-ionized fraction of the 

first electrolyte, which is assumed to be present in excess, so that there 
exists an equilibrium between the solid salt and the solution. If 

the laws of ideal solutions hold, the concentration of the un-ionized 

u 

fraction of the first salt should remain constant. The total concentra¬ 
tion S of the first salt is then given by the equation: 

(65) S = M* + S^. 

If a second electrolyte with a common ion Xj_ is added, then, in the mix¬ 
ture, we have-the equilibrium expressed by the equation: 

(66) q - K^f 


where -+• M^' is the concentration of the common ion X~, which we 
may write 2(7,^-. It follows from Equation 66 that: 


(67) 


M* 




and substituting for this value in Equation 65, we have for the solubility 
the expression: 


( 68 ) 


5 = /S,„ 


K^Su 


An examination of this equation shows that the addition of an electrolyte 
with a common ion reduc‘cs the solubility of the first electrolyte. If we 
plot values of S as ordinates and those of as abscissas, the resulting 

curve will be a rectangular hyperbola, whose axis is T-aised above the 
origin by the dist ance’ As the concentration of the added electrolyte, 

and (‘.onsc’ciuently the concentration of the common ion, is increased 
indefinitedy, the solubility approaclies the value as a limii The rep¬ 
resentation of solubility resuits is greatly simplified if the solubility is 
plotted against the recdprocal of the common ion concentration, in which 
case a linear curve obviously results. This curve ends in a point 




s„+v,. 


+ 
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where So is the solubility of the first (‘k'clrolyte in pure water and M 
is the ion concentration in this solution. As tlic reciprocal of the tota 
ion concentration, 1/26^, or the cuninion ion dilutitni doercases th 

solubility decreases as a linear function of this variable, approachine: thi 
value-S = S„ at 1/2(7,;=: 0. 

ti It 

If is a constant, as it is if the law.s of ideal solutions hold, and i 
is a constant, then it follows from hkiiiation (Hi (hat 

(69) X A’- = rA', 


where X~ is the concentration of the common ion in the isilution, and h 
is a constant. For an electrolyte in solution in eiiuilihritnn with it 
solid phase, the product of the concentrations of tin* ions remains con¬ 
stant, provided that the laws of dilute solution,' hold, .\ccording to thest 
considerations, the solultility of tt friven electrolyte may he deprcs.sed to ■ 
value which corre,sponds to the coiua-ntr.ation <d’ the un-ionized fraction 
in a solution of the pure electrolyte in c(piilihrium with its solid phase 

The foregoing relations tire based on the tissumjHion tluit the laws 
of dilute solutions are tipplicahle. As we luive seen, this condition is not 
fulfilled in solutions of strong electroivic'. Tin- efh et of the presence 
of strong electrolytes upon the .solubility of other strong or w(‘ak elec¬ 
trolytes can, therefor(‘, he determined by t xjierimeut only.-'”' 'The con¬ 
centration of the vtirious inolccultir spi'cir- in ibi miMiire cannot he deter¬ 
mined, even though the solubility of the fir-i ol, iurnl<. i,. ^ known, unlcs.s 
a liiw is a.ssuincd governing the c(iuihbriunt of tho >..irioii- |•|l.l.|rolv(c,s 
present in the mixture; and the rc-ult,- obinin. d tor th, coni-eniratioii of 
the ionized and the un-ioniy.c(l fraction of ti,. iir t .oli j,, i),,. ,„ij;t,|,.|, 
as calculated, will depend upon tin* law.- as.-iuncil a,, gtu'erning the etati- 
librium in the mixture. 

We shall lirst. e.xaniinc the cffe.'t of -tronu : tid v,. drcirolyics ujmii 
the solubility of w'eak electrolytes; (hat is. c’c fndvK s which conform 
to the simple mtiss-ticfion law. Such dcicnnin.st ion have him made hv 
Kendall.^ ‘ ^ 

In Table ('ll is given value,- for th,- -.cuimu;. ,,f a nuinlM-r of weak 
acids m the presence of other acids, both w,-,-ik .-uni .-ii-,,ng. 

The rc.sults arc shown grtiphi.-ally in 1- igun-.- -P.) and .at). (Jon.sideriiig 
first the solubility of orthonitn.b, n/.oi,- .-c-id ami eda-yli,- acid in (he 


l8 evident from Kquatiun i;;* that A. .ut. 
their product would remain (Mmstruit. in \%l\rh r 
® si l“‘I>rolm!de. Imu . ver. that mo h 

KfindaJI, }*r0Co Hoy. Hoc. a;.i, 1*18 (ihiij. 


ftJp'hf \ar.t In mc}i n manner that 

'■ •••'■ Would remain cou- 

j.‘a! Mtji oeetir.M. 
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TABLE CII. 

Solubility of Weak Acids in the Presence of Other Acids. 


A. Salicylic Acid in the Presence of Formic Acid, 


Formic acid, 

Solubility, 

gravimetric, 

Solubility, 

volumetric. 

per cent. 

mols per liter. 

mols per liter. 

0.00 

O.01631 

0.01634 

0.24 

.... 

0.01531 

0.46 

.... 

0.01474 

0.625 

0.01484 


1.25 

0.01496 


2.5 

0.01536 


5.0 

0.01716 


10.0 

0.02101 

.... 

B. Solubility 

of llvpjmnc Acid in the Presence of Formic Acid. 


Solubility, 

Solubility, 

Formic acid, 

gravimetric. 

volumetric, 

per cent. 

mols per liter. 

mols per liter. 

0.00 

0.02045 

0.02048 

1.25 

0.02014 


2.5 

0.02078 


5.0 

0.02275 


10.0 

0.02661 

.!!. 


C. 


Solubihiiy of Salicylic Acid in the Presence of Acetic Acid, 


A(*('i ic, u(^i(l, 
I)(‘r cent. 

o.oo 

().(>25 

1.25 

2.5 

5.0 


Solubility, gravimetric, 
mols per liter. 

0.01631 
0.01691 
0.01745 
0.01846 
0.02059 ' 


D. Solubility of Salic'i 

Hy(lr()(‘IiI()ri(‘, 

acad, 

normal. 

0.0179 

0.0357 

0.125 

0.25 

0.5 


lie Acid in the Presence 

Solubility, 
gravimetric, 
mols per liter. 

0.01631 

0.01214 

0.01194 

0.01123 


of Hydrochloric Acid, 

Solubility, 
volumetric, 
mols per liter. 

0.01634 

0.01290 

0.01238 
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TABLE Cll.—Co7itiuiird 


E Solubility of o-Nitrobcnzoic Acid in the Prencnce of 
Hydrochloric Acid. 


Hydrchloric 

acid, 

normal. 

0.0179 

0.0357 

0.125 

0.25 

0.5 


Solubility, 
gravimetric, 
moL per liter. 

0.04320 

0.02980 

0.02922 

0.02846 


Hohibility, 
vdlunietrie, 
iiiols jMT liter. 

0.{)43()0 

0.03681 

0.03390 


presence of hydrochloric acid, it will be (ibs(*rv(‘d thiii thr solubility de¬ 
creases greatly on the initial addition of hydrochhu-io acid. afitT which 
the solubility decreases slightly, practicadly as a lin(‘ar fuiudion of the 
concentration. In the presence of the wvakca- aritls, thtt initial decrease 



"Fig. 49. Solubility of Abniri'afrly » c v ^ i thr f»ivsfncc 

(»f ily.ii-ria. r:r 

is relatively slight, and this dt'cnyist* i th‘‘ r tu- wmlj'V thi‘ added 

acid. The solubility of salicyli<’ a.fid in tio* pr< • luo* oi :icctic arid 
increases from the lieginning. In th** (•::; »* nf !«;«• ((rL!:;ii:y orids lla^ solu¬ 
bility eventually increast‘s, praadio.-illy a.- a. iin* m!- iinirtion of the (‘on- 
centration of the added acid. Tlu* n/Ui?.- in iiarmony with the 
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assumption that the initial depression in the solubility of the acid is due 
to the depression of its ionization. Acetic acid is so weak that, even at 
fairly high concentrations, it has no appreciable effect on the ionization 
of salicylic acid, and consequently the resulting curve merely measures 
the increase in the solubility of the un-ionized fraction. In the case of 
hippuric and salicylic acids in formic acid, the added acid is sufficiently 
strong to practically completely repress the ionization of salicylic acid 
present in solution. In these cases, therefore, there is an initial decrease 
in the solubility, while finally, when the ionization is completely repressed, 
the solubility is increased, owing, presumably, to the increased solubility 
of the un-ionizcd molecules of the first acid on addition of the second. 
By extrapolating the linear solubility curves backwards, until they inter- 

Cent of Addod Acid. 



Fk;. 50. Boluhilily of Weak Organic Acids in Water in the Presence of Other 

Organic Acids at 25*’. 

sect the axis of soluhiliiy, i,he intercepts on this axis correspond approxi¬ 
mately to the solubility of the un-ionized fraction in pure water. 

It will be noi(‘(l that the solul)ility of salicylic acid and of orthonitro- 
bcnzoic acid is (h^presscal a(a‘()r(ling: to the requirements of the mass-action 
law not only on addition of weak acids, but also on addition of hydro¬ 
chloric; acid. In this cas(‘, the solubility of the un-ionized fraction in the 
more (‘onc.entratiai solutions decreases slightly with increasing concen¬ 
tration of hydrochlori(; acid. The initial depression effect is marked, 
particularly in tin* cas(' of orthonitrobenzoic acid, which is a fairly soluble 
acid. Apparently, the addition of a strong acid to a solution of a weak 
acid, as well as t lu? addition of a weak acid to a solution of a weak acid, 
docs not gr(;atly alt(‘r t in; ionization constant of weak acids. The ioniza¬ 
tion constant of S!di(‘ylic a(‘id at 25*’ is 1.02 X 10'^; that of hippuric acid 
is 2.22 X ; and orthonitrobenzoic acid 6.16 X 10'^» 
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■ Kendall and Andrews-^ have'recently extended tlie investigation of 
the solubility of acids in the presence of weak acids. They have meas¬ 
ured the solubility of acids of varying strength and solubility in the 
presence of both strong and weak acids up to liigh concentrations. They 
include hydrogen sulphide, carbonic acid, boric, oxtdic, succinic, trichloro¬ 
acetic, m-nitrobenzoic, 3-5-dinitrobenzoic, benzoic, picric and P-naph- 
thalene sulphonic acids in the presence of hydrochloric acid; and suberic, 
mandelic, succinic, oxalic, tartaric* and boric* aedds in the? presence of 
acetic acids up to concentrations of 10 normal added acid. They have 
also measured the solubility of boric, benzoic and salicylic acids in the 
presence of nitric acid. 

•The solubility of all acids on addition of a strong ac‘id is initially 1 
decreased. On addition of larger amounts of the* strong ac‘icl the solu- ‘ 
bility, with a few exceptions, passes through a minimum. At high con- i 
centrations of the added acid, the solubility inc*r(‘ase is very marked in 
some cases while, in a few, the minimum is lac*king. The initial decrease 
appears to be due to a repression of the* ionizaticyn of the* saturating acid. • 
The stronger the acid, the greater is the* initial d(‘prossicyn, while in the * 
case of very weak acids the initial d(*pn*ssion is wanting. The minimum 
solubility of an acid is mu(*h lower than corn'sponds to th(‘ con(*entration 
of its un-ionized niole(*iiles in pun* water. Thi< is aserihed to tin* d(‘pres- ^ 
sion of the solubility h(‘(‘tius(* of hydration eflVcts aeconpyanying tin* addi- j 
tion of the strong a(dd. It may Int not(‘d that the maximum depression 
of hydrogen sulphide and (*arhoni(* acids is very low, amounting to only I 
a few per'cent. The final ris{^ in tin* solubility curve is ascrilnul to the f 
formation of compounds I)(*tw(‘en thi* twey acids at. high c(yn(‘(‘ntrations. 
This view is supported by the r(*sults of conductance measun*inents which j 
indicate the formaticyn (yf complexes. 'Hu- afcnunta tor the wid(‘ly I 
divergent effect of strong acids on difterent weak acid- at higlar concen- t 
trations. The solubility curves for weak acid- in {}»e prea*nc<' of acetic I 
acid exhibit a great variety of form. Here, the comimai ion (‘fleets at 
low concentration of add(‘d acid arc ajyjyruximafrly a ' might lx* (‘xpcctcd. 

The efTe(d. of strong and weak acid- <in the im aau/r-d iraetion (yf weak ! 
acids does not differ gnaitly from that. (yh^a-nMi in the caa-e of non-clcv- 
trolytcs. For cxanij:)l(‘, the s(ylul)ility of hydroLO'n in wa.icr is (yiily veay j 
slightly depr{‘ss(‘d due* to the addili(yn of ae»-fic -rid. but .-omewhat more i 
strongly due t(} tlut additayn ot hydiaytdihyrie a,eid. In a mirmal solution | 
of hydroclilorict a(*i(l, tlu! scylulyility depres-.'-ayn in tla* ea-j* (>1 hydrogen is V 
7 per cent and that in th(‘(*as(‘ ( yt thf* uinii."(M'iateii ira.eficm (it ortlionilro” 
benzoic acid 10 per cent. I'he pcrciaifage deprerdon in thi^ cast* of sali- ' 

22ftKen<3all and AiulrewH. J. Am. chon. ,Sf,r. y:, lOia iiaiOj. j 
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cylic acid is considerably greater. It appears, therefore, that, on the 
addition of an electrolyte, so far as the solubility relations are concerned, 
substances with polar molecules are affected in the same way as are those 
with non-polar molecules. With polar substances, the same specific 
effects are found which are characteristic of non-pola,r substances. At 
high concentrations of the added acid, the specific nature of the effects 
indicates some manner of interaction between the two acids. 

b. The Solubility of Stroiig Binary Electrolytes in the Presence of 
Other Strong Electrolytes. The solubility of a strong electrolyte is, in 
general, depressed on the addition of another strong electrolyte having a 
common ion. On the addition of a salt without a common ion, the 
solubility is in general increased, presumably owing to the formation of 
un-ionized molecules as a consequence of a metathetic reaction. The 
relations are much simpler with binary electrolytes than with electrolytes 
of higher type. The solubility relations are also greatly affected by the 
concentration of tlie eleedrolyte, whose solubility is under consideration. 

In Table CIII arc given values for the solubility of thallous chloride 
in water at 25° in the presence of various electrolytesThe results are 

TABLE CIII. 

Solubility of dhiALLous Chloride in the Presence of Other 

Electrolytes. 


Cone, of 

added salt IICl KCl BaCL TINO3 Tl,SO, KNO, K,SO, 

10 .... 1().07 10.07 10.07 16.07 16.07 16.07 16.07 

20 . 10.34 17.16 17.79 

25 . 8.00 8.09 8.98 8.80 

50 . 5.83 5.90 6.18 6.24 6.77 18.26 19.42 

100 ......... 3.83 3.90 4.10 4.22 4.68 19.61 21.37 

200 . ^A3 2.08 2.82 . 

300 . • ■ • • • - • • 23.13 26.00 

1000 . • • • • • - • • 30.72 34.16 


shown graphically in Ihgurc 51. An examination of the table and the 
figuri! shows that the solubility change in the case of different electro¬ 
lytes is of the saiiK! order of magnitude for salts of the same type. The 
depression due to the addition of hydrochloric acid is slightly greater 
than that due to pottissium chloride or thallous nitrate. Ternary salts, 
having an ion in common with thallous chloride, cause a depression which 
is very nearly the same as that of binary salts. The solubility is 
markedly incriaised due to the addition of salts without a common ion. 
While the solubilities due to the addition of different salts differ, this 

JBriiy find Winninj^hofi*, J. Aiti. (‘hcin. f^oc, S3, 1071 (1911). 
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difference is in general much smaller than in the case of solutions of non¬ 
electrolytes. 

It is not possible to determine the concentration of the im-ionized 
fraction in mixtures of electrolytes without assuming a law governing 



Fig. 51. Solubility of TKalloiis Chloride in Water in (he Pres<*iie<‘ of Other 

Elcctrolyte.s. 

the ionization of electrolytes in mixtures. As a ruh', the iso-ionic prin¬ 
ciple has been employed for this purpose. In 'ral)l(‘ (JIV an^ given values 
for the concentration of the un-ionized fract ion, TK 'h arni fh(‘ i(ni product, 
Th X Cl"? solutions of thallous (‘hloride in tlu^ prestana^ of din’erent 

electrolytes at 25° the isohydric priucipUi being assunual to hold for 
the mixtures. 

TABLE CIV. 


Calculated Values of the Ion Prodoot and the ( 'oNOENTUATroN op 

THE Un-IONIZED FRACTION FOR TnALI.Ors ( • HL()UII)E IN WaTKR 
AT 25° IN THE Presence of Different hvEKC'rROEV'rKs. 


Added Salt 

Cone, 

0 

20 25 

50 

100 

300 

1/2 K,SO, 

(TlCl . 

(ti-xci- ... 

1.755 

204.9 

1 . 3:18 

211.0 

1.120 

218.3 

0.9()(> 

229.7 

0.7G8 

258.6 

I/ 2 TI 2 SO, 

(TlCl . 

(TI^XCI- ... 

1.755 

204.9 

1.41)5 

208.1 

1.239 

215.7 

1.087 
231.3 


KNO 3 

ITICl. 

1.755 

1 .:m;i 

1.124 

(),9()8 

0.775 

iThxCl- ..., 

. 204.9 

217.4 

229.1 

2*13.0 

279.2 


Cone. 

0 

20 25 

50 

KK) 

200 

KCl 

jTlCl. 

1.755 

1.390 

1.204 

l.OGl 

0.94 

iTl-XCl- .... 

, 204.9 

.. 218.1 

229.G 

256.3 

290.0 


2* Bray and Winuinglioff, loc. cit. 
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It will be observed that, according to these calculations, the concen¬ 
tration of the un-ionized fraction decreases markedly as the concentra¬ 
tion of the added electrolyte increases. In a 0.3 normal solution of 
potassium sulphate, the calculated concentration is less than one half 
that in pure water. The ion product increases due to the addition of 
the second electrolyte, this increase depending upon the nature of the 
added electrolyte. On the addition of 0.3 N equivalents of potassium 
sulphate, the ion product increases from 204.9 to 258.6. On the addition 
of 0.2 N equivalents of potassium chloride, the ion product increases from 
204.9 to 290.0. The increase in the case of potassium chloride, there¬ 
fore, is approximately twice that for potassium sulphate. If the assump¬ 
tions underlying these calculations are correct, the concentration of the 
un-ionized fraction is greatly reduced on the addition of a relatively small 
amount of a second electrolyte. Since it has commonly been assumed 
that the isohydric principle holds for strong electrolytes, many writers 
have accepted as correct the result that the concentration of the un¬ 
ionized fraction of the salt is greatly depressed on the addition of an 
electrolyte. As was pointed out in a preceding section, the applicability 
of the iso-ionic principle to mixtures of strong electrolytes is doubtful. 
It is doubtful, therefore, that the above values represent correctly' the 
state of the solutions in question. 

The solubility depression of the un-ionized fraction is much greater 
than might be cxpecjted from the effect of electrolytes upon the solubility 
of non-electrolytes. The solubility depression of hydrogen in water at 
15“ for different salts at normal concentration is in the neighborhood of 
20 per cent, that of oxygen in the neighborhood of 30 per cent, and that 
of nitrous oxide in the neighborhood of 20 per cent. The solubility de¬ 
pression of phcnylthiourea at normal concentration of the added salt is 
24 per (‘cnt for potassium chloride, 10 per cent for sodium nitrate, and 
for ammonium nitrate there is a solubility increase of 7 per cent. The 
solubility c-urves, moreover, while not quite linear, are only slightly 
convex toward the axis of c.onc-cntrations. Furthermore, on the addition 
of hydrochloric acud, the solubility depression of non-electrolytes is rela¬ 
tively very small. At normal concentration and 25“, it is 7 per cent for 
hydrogen, G.8 i)er cent for oxygen, and 4.4 per cent for nitrous oxide. 
From the effect of electrolytes on the solubility of non-electrolytes, it 
must be concluded, not only that the effect varies greatly with the nature 
of the added elec.trolyte, but, also, that the magnitude of the effect is 
much low(T than that derived from the values calculated on the basis of 
the isohydric primuple. Furthermore, it follows from the work of Ken- 
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dall,2= discussed in the preceding section, that even polar molecules, such 
as we have in the weak, acids, are affected only to a slight extent by the 
presence of strong acids. The depression of the concentration of the 
un-ionized fraction of a strong electrolyte in equilibrium with its solid 
phase, due to the addition of other electrolytes, has been ascribed to 
interaction between the ions and the un-ionized fraction of the first salt, 
and the salting out effect in the case of non-electrolytes has been cited in 
support of this hypothesis. From the foregoing analy.sis, however, it 
would appear that the behavior of non-electrolytes, as well as that of 
weak electrolytes, in the presence of strong electrolytes, lends little sup¬ 
port to this hypothesis. On the whole, it appcairs much moni likely that 
the concentration of the un-ionized fraction varies as a function of the 
nature of the added electrolyte, and that, in general, it varies less than 
indicated by the calculated values given above. 

According to the above calculation, the ion product varies consider¬ 
ably with the concentration of the added electrolyfe and deixaids, to a 
considerable extent, upon the nature of this electrolyte. Observations 
on the solubility of salts in the presence of other .salts indicate that, even 
in the case of strong electrolytes, the ion pro(hiet remains approximately 
constant on the addition of other electrolytes.-" It is at oik'c evident 
that if the concentration of the un-ionized fraction is only slightly de¬ 
creased on the addition of a second electrolyte, (he concentration of the 
ions is appreciably .smaller than that (lerived from calculations on the 
basis of the iso-ionic principle. The result is to render the value of the 
ion product approximately constant and indcjx'ndcnt of tin; comaaitration 
of the added electrolyte. 

As we have seen, the conductance of mixtures of hy<lrochlori(! acid 
and sodium chloride, calculated tai tlu' assumption th.at the (‘(piilihrium 
in .the mixture is governed by the isohydric firinciple, is not in accord 
with the experimentally determined values. On the other hand, w(! .saw 
that, in the more dilute solutions, the observed values agre(“ very ncairly 
with the values calculated on the as.sumi)tion (hat in the mixture tlic etiui- 
librium conforms to Equation 52. It is t;vident that if remains (on- 

stant in the mixture, will likewise remain const;mf.. If, therefore, 

the concentration of the un-ionized fra(dion of a salt rem.ains constant, 
the ion product should also remain constant according t.o (his principle. 
Assuming this principle to hold, we may calculate, values for the con¬ 
centration of the un-ionized fraction and for the ion produi-t in the case 
of a salt in equilibrium with its solid phase in th<- pix'sence of a second 

Kendall, loc. cit. 

"Stleglitz, J. Am. Chem. Soc. SO, 940 (190S). 
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electrolyte. For thallous chloride in the presence of potassium chloride 
the following results are obtained: 

TABLE CV. 

Value of the Un-ionized Fraction and op the Ion Product for 
Thallous Chloride in Water at 25°, in the Presence op 
Potassium Chloride, Assuming Equation 52. 

C of KCl 0 25 50 100 200 

S,, . 0.001755 0.001746 0.001734 0.001703 0.001586 

P^-XIO'. 2.052 2,039 2.011 1.973 1.808 


The calculations arc based upon Ao values identical with those of 
Bray and Winninghoff."'^ Taking into account the uncertainties in the 
values of Ao, as well as in the vtilucs of the solubilities themselves, it 
appears from an inspe(‘,tion of the above table that, assuming the equi¬ 
librium in the mixture to be governed by Equation 52, the concentration 
of the un-ionized fraction in the mixture, as well as the value of the ion 
product, remains substantially constant up to a concentration of approxi¬ 
mately 0.1 N potassium chloride. For example, in the presence of 0.1 N 
potassium chloride, the concentration of the un-ionized fraction as cal¬ 
culated is 0.001703 as against 0.001755 for a solution of thallous chloride 
in water alone. This rc^presents an increase of only 1.9 per cent. Simi¬ 
larly, the ion produc,t over the same concentration interval varies only 
4 per cent. The increase in the value of the ion product and the de¬ 
crease in the concentration of the un-ionized fraction of a binary salt, 
on addition of a sec,on(l electrolyte with a common ion, is therefore 
primarily a (‘.onseciuence of the form of tlic function assumed as govern¬ 
ing the cciuilibriiim in the mixture. The manner in which and vary 
on tlie addition of a secjond electrolyte remains uncertain so long as the 
law governing the ecpiilibria in mixtures remains unknown. 

If the value of the ion product and the concentration of .the un-ionized 
fraction remain (a)nst:int, tiie solubility of the salt is given by the 


equation: 
(70) 




where S is the solubility of the salt at any concentration, is the con- 

centration of lint un-ionized fraction, which is independent of concentra¬ 
tion, is (he concentration of the common ion, and is a constant 

for the mixture whose value may be determined from the ioniza- 

liray aii<l Winninjjjhaff, loc. vit. 
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tion function of the pure electrolyte. The value of may be 

calculated by means of Equation 52. From Equation 70, it is evident 
that the total solubility of the salt S in the presence of another salt with 
a common ion is a linear function of the reciprocal of the common ion 

concentration In Figure 52 are plotted solubility values for TlCl 



Rdciprcjcai of Total Ion ('oiicontration 

Fig. 52 . Representinpi: the Solubility of Tliallou.s (’hloridj* as a idmeiion of ilie 
Reciprocal of the Total Ion (Joniiont rat ion. 

in the presence of tluillous sulphate, thallous iiifrat(‘, poias.siuni (chloride 

and barium chloride. In the case of KCl as addi^d salt, the values of 

2C-liave been calculated according to J^]quation 52. The other values 
% 

of 2C • are those of Bray,-® which are btised on the isuhydrie principle. 
Since the difference in the values of as derived by Ecpiations 51 and 
52 is not great, an approximate coinparisun is aff()r(h‘d by the vtdues 

“Bray, J, Am.. Chem. 8oc. S3, 1074 (1911). 
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employed. On examination of the figure, it will be seen that, up to a 
concentration of 0.1 N of added salt, the points lie very nearly upon a 
straight line, and, furthermore, that the solubility values due to the 
addition of different electrolytes conform very nearly to the same straight 
line. It cannot be said that Equation 70 actually holds for the mixture; 
nevertheless, the effect of different electrolytes upon' the solubility of 
thallous chloride is much more uniform in character when treated in this 
way than when treated according to the isohydric principle. Up to 
0.1 N concentration of added salt, the solubilities differ only a few per 
cent from' the linear relation. 

The conclusion to be drawn, however, is not so much that the ion 
product and the concentration of the un-ionized fraction as calculated 
according to Equation 52 remain constant for a salt in equilibrium with 
its solution as that the values obtained for the concentrations of the 
various molecular species present in the mixture depend upon the law 
assumed to govern the equilibrium in the mixture. The conclusion 
reached by many writers, that the concentration of the un-ionized frac¬ 
tion decreases greatly with increasing concentration of the added electro¬ 
lyte,^" is a consequence of the assumption of the isohydric principle as 
a basis for calculating the concentrations of the various molecular species 
present. As was shown by Bray and Hunt,^" the specific conductances 
of mixtures of sodium chloride and hydrochloric acid, calculated on the 
basis of the isohydric principle, are throughout greater than the measured 
ones. It follows, therefore, that the concentrations of the ions as calcu¬ 
lated according to this assumption are greater than the true ones. Con¬ 
sequently, the concentration of the un-ionized fraction, which is obtained 
by difference, is obviously found too low. It is not probable that the 
concentration of the un-ionized fraction of an electrolyte in equilibrium 
with its solutions will be entirely unaffected by the addition of other 
electrolytes, since, as we have seen in a preceding section, the solubility 
of non-electrolytes is influenced by the addition of electrolytes. We 
might expect, liowever, that the change in the concentration of the un¬ 
ionized fraction would not differ greatly from that of non-electrolytes 
under similar conditions. This conclusion is further borne out by the 
results of Kendall on the solubility of organic acids in the presence of 
other acids. 

In the case of salts which are more soluble, the effect of a second 
electrolyte upon the solubility is, in general, much smaller and, in some 

NoyciS, J'. Ain. Chem. Soc. 1(M3 (19X1) ; meglits, ihid., 30, 946 (1908) ; Arrhenius, 
Ztscli/r. f. phyH. Cham. 31, (1899). 

»'Bray and Hunt. J. Am. Cham. ^oc. 33, 781 (1911). 

” Kendall, loc. cit. 
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cases, the solubility may even be increased. The solubility of certain 
salts, such as silver chloride,is greatly increased on addition of an 
electrolyte with a common ion. Since it has been shown that this effect 
is chiefly due to the formation of complex ion.s, a discussion of these 
systems may be omitted. 

The solubility of binary salts is materially increased on the addition 
of a salt without a common ion. This may be accounted for on the 
assumption that metathetic reaction takes place between the ions of the 
saturating salt and the solvent electrolyte, the increased solubility being 
due to the formation of the corresponding un-ionized molecules. If the 
isohydric principle is assumed to hold for such mixtures, the resulting 
values obtained for the ion product and the concentration of the un¬ 
ionized salt are found to vary with the concentration of tlie added elec¬ 
trolyte in a manner similar to that found in mixtures with a (common ion. 
'Here again it is not po.ssiblc to reach a conclusion relative to the nature 
of the processes involved with any considerable degree of certainty. 

c. The Solubility of Salts of Higher Type in the Presence of Other 
Electrolytes. The solubility relations in tlu' case of salts of higher type 

TABLE CVI. 

Solubility of Silver Sulphate in Water at 25" in the Pre.sence op 



Other Electrolytes. 

C'onrcntration of 


. Salt 

Suit 

Solubility 

None . 

. 0.00 

53.52 

KNO, . 

. 24.914 

57.70 

49.774 

61.13 


99.87 

67.93 

Mg (NO,,), .. 

. 24.764 

59.44 


49.595 

64.32 


99.46 

72.70 

AgNO., . 

. 24.961 

39.09 


49.86 

28.45 


99.61 

16.90 

K,SO, . 

. 25.024 

50.f)0 


50.044 

49.35 


100.00 

48.04 


200.03 

48.30 

MgSO, . 

. 20.022 

52.21 


50.0f)9 

50.93 


100.04 

49.95 


200.05 

49.00 

*1“ Forbes, Am . Chem . 

Soc . lU, 1037 (I'.ni). 
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are much more complex than in that of binary salts and the results are 
accordingly more difi&cult to interpret. A considerable amount of experi¬ 
mental material exists, much of which is due to Harkins.®- 

In Table CVI are given values of the solubility of silver sulphate in 
■water at 25° in the presence of different electrolytes. The concentrations 
are expressed in millimols, C X 10'^, per liter. The results for this, as 
well as for other ternary salts, are shown graphically in Figure 53. The 



0.0 0.035 0-05 0.10 0.20 

CoTUM^ntd-jition of iiddc'd salt in equivalents. 

Fig. ,53. Solubilily of Ternary Klcc.t,roly(,(!n in Water in the Presence of Other 

lOlcctrolytcs. 

results for had iodute ure given in Table CVII and are shown graphically 
in Figure 54. 

An examination of the figures and the data given in the tables shows 
that, in general, electrolytes of the same type have a similar influence 
upon the solubility of a ternary electrolyte. This is particularly true 
” Harkins, J, Am. Chem. Koc. 33, 1807 (lUll) ; iMd., 38, 2679 (1916). 
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TABLE evil. 

Solubility of Lead Iodate in Water at 25° in the Presence 
OF Other Salts. 

Concentration 


Salt 

Salt 

Solubility 

None . 

0.00 . 

. 0.1102 

Pb(NOJ^ .... 

0.1 . 

.0.087 

1.0 

0.0411 


10.0 

0.0185 


100.0 

0.016 


500.0 

0.028 


3000.0 

0.150 

KNO 3 . 

2.0 . 

. 0.1141 


10.0 

0.1334 


50.0 

0.2037 


200.0 

0.2544 

KIO 3 . 

0.05304. 

. 0.0697 


0.1061 

0.0437 



Concentration of added salt in (aiuivalents. 

FlCJ. 54. Solubility of Lead Iodate in Water in the Presence of Other Electrolytes, 
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at low concentrations. Salts having a univalent ion in common with a 
ternary electrolyte cause an initial depression, which, in many cases, is 
followed by a slight increase in the solubility at higher concentrations. 
This latter effect, furthermore, is greatly influenced by the properties of 
the electrolytes involved. The minimum is particularly pronounced in 
the case of solutions of lead chloride in the presence of lead nitrate. 
Salts which are only very slightly soluble suffer a much greater depres¬ 
sion of the solubility on the addition of a salt with a common ion than 
do salts of greater solubility. The addition of an electrolyte without a 
common ion in general causes an increase in the solubility of a ternary 
salt. This increase appears to vary considerably with the nature of the 
added electrolyte. In the case of silver sulphate, for example, the in¬ 
crease in solubility due to the addition of nitric acid is much greater 
than that due to the addition of potassium nitrate. 

In the case of salts whose solubility is high, the effect of an addition 
of various electrolytes depends largely upon the nature of the added salt. 
In Table CVIII are given the solubilities of strontium chloride in water 

TABLE CVIII. 

Solubility of Steontium Chloeide in the Peesence of Other 
Salts in Water at 25°. 



Equiv. of 
added salt in 

Sol. equiv. per 

Salt added 

1000 g. H 3 O 

1000 g. H 2 O 

None . 

.. None 

7.034 

Sr (NO.,). 

.. 0.1372 

7.044 


0.5766 

7.038 


1.0988 

7.030 


3.318 

6.956 

Solid Sr (NO,,),, 

NaN 03 . 

.. 0.3621 

7.198 


0.5010 

7.270 


3.553 

7.276 


6.856 

6.844 

Solid Sr (NO.,),, 

UNO., . 

.. 0.1771 

7.028 

0.3521 

7.034 


1.277 

7.034 

liCl . 

,.. 0.1551 

6.882 


0.5162 

6.502 


1.017 

5.996 


2.165 

4.864 


9.205 

0.530 
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TABLE CVIII .—Continued 



Equiv. of 
added salt in 

Sol. equiv. 

Salt added 

1000 g. HC 

1000 g. H, 

HBr. 

.... 0.06817 

6.974 


0.4191 

6.696 


0.9716 

6.262 


1.154 

6.132 

HI . 

_ 0.1641 

6.890 


0.4462 

6.650 


0.4126 

6.672 


0.7539 

6.366 

KI . 

.... 0.09199 

' 7.034 


0.5401 

7.016 


0.6015 

7.038 


1.445 

6.992 

KCl . 

.... 0.0719 

7.016 


0.433 

6.950 


0.8576 

6.882 


1.594 

6.764 

CuCl. 

.... 0.7134 

6.812 


2.276 

6.352 

KNO, . 

.... 0.09796 

7.122 


0.4755 

7.406 


at 25° in the presence of different clcctrolyti's. I'Ik; n^sults are shown 
graphically in Figure 55. It will be seen from ih(‘ table and the figure 
that, up to a concentration of 1.0N, the solubility (‘fft'cts are, in general, 
small. The difference between the effect of salts with and without a (‘om- 
mon ion is not great. The solubility of strontium (diloridc* nanains prac¬ 
tically constant on addition of nitric acid, potassium iodides, and stron¬ 
tium nitrate. The addition of potassium <‘hloride cause's a slight 
decrease in solubility, while that of sodium nit rat causi's ji slight in¬ 
crease. The greatest decrease in solul)ility results from th(! addition of 
hydrochloric acid, but it is to be noted that hydriodi(‘ acid and hydro- 
bromic acid, which do not have an ion in common with strontium chloride, 
cause almost as great a solubility depression as does hydrochloric acid. 
It is clear that, at high concentrations, the solulnlity (‘ftVets are not to be 
ascribed primarily to ionic interaction. The relationships between the 
solubility effects resemble those obtained in the case of solutions of non¬ 
electrolytes in the presence of electrolytes. 

In the Table CIX are given values for the solubility of lanthanum 
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iodate in the presence of different electrolytes in water at 25°, as meas¬ 
ured by Harkins and Pearce."" The results are shown graphically in 
Figure 56. It will be observed that the solubility of lanthanum iodate 
is markedly decreased on the addition of a salt with a common univalent 
ion. The addition of a salt with a common trivalent ion causes a. slight 
initial decrease in solubility, followed by an increase at higher concentra- 



Fig. 55. Solubility of Strontium Chloride in Water in the Presence of Other 

Electrolytes. 

tions. On the addition of a salt without a common ion, there is a 
marked increase in the solubility throughout. 

While the solubility of different salts is in general affected in a 
similar manner on the addition of otlicr salts, provided the solubility is 
r(dativ(dy low, the interpretation of the experimental results is ren¬ 
dered uncertain, owing to tlie fact that the ionization functions for the 
electrolytes in the mixtures are not known. At the same time, it is pos¬ 
sible that, in the case of salts of liighcr type, intermediate ions are present 
as a result of which it not only becomes difficult to take into account 

Harkins and Tearcc, J. Am. Chem. /S'oe. S8^ 2079 (1916). 
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TABLE CIX. 

Solubility of Lanthanum Iodate in Water at 25” in the Presence 
OF Other Electrolytes. 


Salts added 
La 1 x 03)3 ... 


KIO3 


NalOj 


NaN 03 


La(N 03 ) 3 . 2 NlI,N 03 


Milli-normal 
cone, salt 
solution 

0.0 

2.0 

6.0 

10.0 

50.0 

100.0 

200.5 

0.0000 

0.0990 

0.4957 

0.9914 

1.9828 

0.0000 

0.0913 

0.4560 

0.9130 

1.8260 

3.6530 

4.5326 

6.7989 

0.0 

25.0 

50.0 

100.0 

200.0 

400.0 

800.0 

1600.0 

3200.0 

0.00 

26.34 

52.68 

105.36 

158.04 

196.83 

393.67 

787.35 

1574.70 


Solubility- 
in rnillimols 

1.0301 

0.8430 

0.7968 

0.7825 

0.8320 

0.9362 

1.1195 

1.0301 

0.9476 

0.8488 

0.7488 

0.5632 

1.0301 

0.9572 

0.8507 

0.7658 

0.6016 

0.2973 

0.2017 

O.l-IGS 

1.0301 

1.3092 

1.'1921 

1.7481 

2.0873 

2.1()57 

3.2'187 

■13114 

4.5657 

1.0301 

0.9510 

101.56 

1.1367 

1.2303 

1.3061 

1.6016 

2.0551 

2.8968 
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the effect of the intermediate ion, but, in addition, the concentration of 
the intermediate ion cannot be determined with any degree of certainty, 
even in solutions in pure water. Nevertheless, as Harkins has pointed 
out, the solubility curves may be accounted for in a general way on the 
assumption that intermediate ions are present in solutions of electrolytes 
of higher type. 



0.0 at 0.2 0.3 0.4^ O.S' O.S 0.7 0.0 


Concentration of added salt in equivalents per liter. 

Fig. 56. Solubility of Lani,han\nu lodatc in Water in the Presence of Other 

Elc'ctrolytcs. 


It will be sufficient to consider, here, the solubility of a ternary elec¬ 
trolyte of the type MX., which ionizes according to the equation: 

. MX, 4- X'. 


As we have already seen in (^oniKHdion with the solubility of binary elec¬ 
trolytes in the {)resence of other electrolytes, the experimental results 
in the case of fairly dilutee solutions arc in reasonably good agreement 
with the assuini)ti()n that the concentration of the un-ionized fraction 
of the salt, as w(dl as tlu^ ion product, remains constant on the addition 
of other electrolytes, if a siinihir assumption is made in the case of a 
ternary eh'ctrolytc', it Ic'uds to the following equations for the solubility 
of the salt in tin; pres(‘nc(‘. of an elec.trolyte with a common univalent ion, 
a common divalcmt ion, and without a common ion. 

With a common univa,lent ion. 


(71) 


S = MX, + 


KMX.. 


where K is the ionization constant of the reaction given above. In this 
equation the solubility appears as an explicit function of the concentra- 
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tion of the common ion X'. In order to determine the concentration of 
the common ion in the mixture, it is obviously necessary to know the 
ionization functions for the various electrolytes concerned. While these 
functions are not known, a fair approximation could probably be obtained 
by assuming one of the functions given in Chapter IX. This would 
necessarily involve the further assumption that intermediate ions are not 
present. 

On the addition of a common divalent ion, the solubility is given by 
the equation: 


(72) 


;S = MX,+ 


/XMXAS 
V M-7 ’ 


while, on the addition of a salt without a common ion. 


( 73 ) 


S = MX,4- 


XMX, . M-Y- 




(X-)'* 

where K' is the constant of the reaction 

MY^ = M- + 2Y“. 


K' 


Since different electrolytes of the same type arc ionized to practically 
the same extent in water, it follows that, in tlu' mixture containing a 
salt without a common ion, the equivalent concc^ntrations X" and 
will not differ greatly from each other. The first two txaans of .Kquation 
73, therefore, will remain constant on the addition of a salt without a 
common ion. The last term of this ecpiation, however, will obviously 
increase as the concentration of the ion Y~, due to the addition of a salt 
NY, increases. It is evident, therefore, that according to this eejuation 
the solubility of a ternary salt should be in(‘reased upon the addition of a 
salt without a common ion. On tlie of h(*r hand, comparing lYpiations 71 
and 72, it is evident that the addition of a common univalent ion will 
cause a much greater solubility d(‘pr(‘ssion than will the addition of a 
common divalent ion, since the concentration of the univahmt ion appears 
in the denominator with the exponent 2, while that of tlu^ divalcait ion 
appears in the denominator with the exponent Va- lioughly, this is in 
agreement with observations. As may be s(‘en liy ref(*renc{‘ to Figure 53, 
the addition of a salt witli a common uniwMhait ion caus(‘s a, much greater 
depression than docs the addition of a sail with a common divalent ion. 

As we have already seen, the solubility of a Ijinary salt de(‘reascs as 
the reciprocal of the concentration of tin; common ion. Tlu^ solubility 
curve of a binary electrolyte, therefore, should lie intermediate between 
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that of a ternary electrolyte in the presence of a common univalent ion 
and in that of a common divalent ion. 

Harkins ““ has calculated solubility curves on the assumption that 

( 74 ) 8 ^ (8 + = 1 , 

where to and n are the number of ions resulting from the dissociation, 
while 8 is the solubility of the salt and C is the concentration of the 
added salt. The curves calculated on these assumptions correspond 
roughly with the observed curves. An exact correspondence is not to be 
expected, since the assumptions made in calculating these curves are 
obviously only roughly fulfilled. 

The equations given above obviously do not account for the form of 
the curves at higher concentrations, particularly for the increase in the 
solubility of a ternary salt on the addition of larger amounts of a salt 
with a common divalent ion. According to Harkins this increase is due 
to the formation of an intermediate ion MX-" according to the reaction: 

M- + X- = MX*. 


On this assumption the solubility on the addition of a salt with a com¬ 
mon univalent ion is given by the equation: 


( 75 ) 


8 = MX, -h 


XMX, , XjMX, 
(X-)“ + X- ’ 


where X, is the constant rc.sulting from the reaction: 

MX^ -f X- = MX,. 


It is evident, from this crpiation, that, if intermediate ions MX+ are 
formed, then, on tlic addition of an electrolyte NX, the solubility depres¬ 
sion will be smalUtr than in the case where no intermediate ions are 
formed. From this eejuation, it follows, also, as may readily be seen 
by differentiating with respect to the concentration of the common ion 
X‘, that with increasing concentration the solubility must decrease irre¬ 
spective of the values of the constants K and A'j. 

If a salt of tlie type MY, is added, the solubility is given by the 
equation: 


( 76 ) 


S MX, + 





XMX, 

M-i'" 


Here X, is the equilibrium constant resulting from the reaction: 

M” -h X- = MXh 


Harkins, loo. cit. 
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It is evident that; 

( 77 ) K = 

An inspection of the above equation shows that, owing to the formation 
of the intermediate ion MX^, the value of whose concentration is given 
by the second term of the right-hand member, the solubility is increased 
due to the formation of the intermediate ion. With increasing value of 
M^, this term may become sufficiently great to overbalance the effect 
of the last term of the right-hand member. This is more readily seen on 
differentiating Equation 76 with respect to the concentration of the 
common ion which leads to the equation; 

,78, dS 1_ 1 \ 

The solubility will be a minimum when; 


(79) 


1 _ _ _1 _ 
2A, ~ 2M'-’ 


Obviously, the concentration of the common divalent ion M''+ at the 
m inimum point of the solubility curve is ccpial to the eciuilibrium con¬ 
stant jKj. If this constant is small, then the minimum point will lie at a 
low concentration; whereas, when this constant is Iarg(‘, tl>e minimum 
point will lie at high concentrations. In other words, wlien is large 
the fraction of salt present in tlie form of internualiate ions MX+ is 
relatively small; whereas when Kn is small this fraction is relatively 
large and the minimum point accordingly ai)[)cars at low concentrations. 
It may be noted, in this connection, that the solubility curves of lead salts 
exhibit a pronounced minimum at relati\-cly low concentrations. That 
for lead iodate in the presence of lead nitrate is in tla^ neighborhood of 
0.04 N; that for lead chloride in the presence of lead nitrate is at approxi¬ 
mately the same concentration. Silver .sulphab!, in the prcs((nc(‘ of potas¬ 
sium sulphate, exhibits a minimum in the neighborhood of 0.1 N. Cal¬ 
cium sulphate exhibits minima in the neighborhood of 0.15 N in the 
presence of salts with a common HO.," ion. In tiu' case; of salts with a 
common Ca""" ion, this minimum does not ai)pear. Tlu; difl'ereiu'c in the 
behavior of calcium sulphate in the presence of a common i)ositive or 
negative divalent ion may be due to various causes, since in this case 
there is involved tlie formation of two different t.\'pes of complexes. 
Considering the behavior of uni-divalent salts, it is evident that those 
salts which exhibit a pronounced tendency to form comiilexcs, such as 
lead salts for example, likewise exhibit a i)ronounecd minimum in the 
solubility curve in the presence of a common divalent ion. 
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The simple explanation offerf'd above must obviously not'be pressed 
too far, particularly in the more concentrated solutions. On the addi¬ 
tion of a salt of the type MYo, there is a possibility that complexes of 
the form MXY may result. In all likelihood, however, at low concen¬ 
trations, these are not pres(^nt to a large extent. 

While solutions of highly soluble salts, as well as solutions of non¬ 
electrolytes, exhibit a great variety of properties which bring out clearly 
the individual characteristics of the various substances involved, in solu¬ 
tions of difficultly soluble salts, the solubility curves show remarkable 
regularities, indicating that the observed behavior of these solutions lies 
in properties common to electrolytes in general, at these concentrations. 
The solubility effects are readily explained on the assumption that the 
concentration of the un-ionized fraction, as well as the ion product, 
remains substantially constant on the addition of a second electrolyte. 
The great decrease in the concentration of the un-ionized fraction, which 
many investigators have assumed to be correct, is doubtful. It appears 
probable that this result follows from a failure of the applicability of 
the isohydric principle to mixtures of electrolytes. The solubility in¬ 
crease observed in the case of salts of higher type on the addition of 
salts with a common' polyvalent ion makes it appear probable that 
intermediate ions are present in relatively large amounts in solutions of 
salts of higher type at higher concentrations. 

Heterogeneous equilibria from a thermodynamic point of view will 
be discussed in iinother chapter. 


Chapter XI. 

Other Properties of Electrolytic Solutions. 

1. The Diffusion of Electrolytes. If a concentration gradient exists in 
an electrolytic solution, diffusion will take place. The rate of diffusion I 

of an ion is the greater the greater its mobility. However, in view of \ 

the fact that the ions of an electrolyte are oppositely charged, the dif¬ 
fusion of these ions will not be independent of one another. Nernst^ f 

has derived an expression for the diffusion coefficient in dilute solutions i 

of electrolytes. The diffusion coefficient is thus given by the equation: f 

( 80 ) D = j^XRT, I 

in which U and V are the ionic mobilities. If the electrolyte is not i 
completely ionized, the neutral molecules also will diffuse, and their rate 
of diffusion will, in general, differ from that of the ions. The diffusion 
coefficient of various electrolytes has been measured by Arrlicnius and [ 
more extended measurements are due to Oholm.- In Table CX are given 
values for the diffusion coefficients of different electrolytes in water at 18°. i 

TABLE CX. ! 

f 

Diffusion Coefficients of Electholytes in Water at 18 °. i 


Cone. NaCl KOI LiCl K.I IH’l laRCOOII NaOII KOI! 

0.01 . 1.170 1.460 1.000 1.460 2.324 0.930 1.432 1.903 ’ 

0.02 . 1.152 1.431 0.980 1.428 2.285 0.910 1.404 1.889 

0.05 . 1.139 1.409 0.971 1.412 2.251 0.895 1.386 1.872 I 

0.10 . 1.117 1.389 0.951 1.391 2.229 0.884 1.364 1.854 

0.20 . 1.098 1.367 0.929 1.380 2.202 0.871 1.342 1.843 

0.50 . 1.077 1.345 0.919 1.372 2.188 0.856 1.310 1.841 

1.00 . 1.070 1.330 0.920 1.366 2.217 0.833 1.290 1.855 

2.00 . 1.320 0.928 . 1.259 1.892 f 

2.8 . 1.064 .. .. 1.434 . \ 

3.6 . 1.338 . I 

4.2 . 0.956 . 

5.5 . 1.065 .. .. 1.549 . I 


*Nernst, Ztsclir. f. pliys. Chem. 2, 013 (IfiSS). 

(I'JO.’U ; Mv.Mcl. V,t.-.\kad-a. NoheliMtitut, 

Vol. £, No. 22 (1911). 
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It will be observed that in the more dilute solutions the diffusion 
oejficient is the greater, the greater the conductance of the electrolyte. 
?hus, at 0.01 normal, the diffusion coefiScient of HCl is 2.324, of KOH 
.903, of KCl 1.460, and of LiCl 1.000. As the concentration increases, 
he diffusion coefficient in the more dilute solutions decreases. This may 
le accounted for if we assume that as the concentration increases the 
onization decreases, and that the diffusion coefficient of the neutral 
lolecules is smaller than that of the ions. At higher concentrations the 
afluence of viscosity change must be taken into account. In the case 
if most salts, the viscosity increases with increasing concentration, and 
b is to be expected that, owing to this factor, there will be a decrease in 
he diffusion coefficient at higher concentrations. The increase in the 
nlue of the diffusion coefficient at very high concentrations cannot be 
,ccounted for in this way. If, however, the ions are hydrated, then it is 
Lot improbable that at the higher concentrations, where the number of 
alt molecules becomes comparable with that of the number of water 
aolecules, the degree of hydration of the ions decreases, as a result of 
ffiich their mobilities may be expected to increase. 

Of particular significance are the results obtained by Arrhenius* 
or the diffusion of electrolytes in the presence of other electrolytes. If 
he diffusing electrolyte has a rapidly and a slowly moving ion, the dif¬ 
usion of the rapidly moving ion is hindered, owing to the drag exerted 
.pon it by the charge on the more slowly moving ion. If, now, another 
lectrolyte is added, the rate of diffusion of the first electrolyte will be in~ 
reased, since the diffusion of tlic oppositely charged ion may be compen- 
ated by the diffusion of another ion in the opposite direction. For exam- 
ile, the diffusion coefficient of a 0.52 N solution of HCl in water at 12° 
3 2.09, while that of the same electrolyte in 3.43 N solution of NH^^Cl is 
.67, and in a 0.375 N solution of KCl 3.89. Evidently, on adding am- 
fionium chloride to the hydrochlori(i acid solution, the rate of diffusion 
3 greatly incrctised due to the fact that the motion of the Ck ions in the 
lirection of the corua'iitration gradient is compensated by a motion of the 
HI/ ions in the opi)()site direction. This phenomenon is quite general, 
,s may be seen from Table CXI. 

The influence of tlie added electrolyte on the diffusion coefficient is 
xtrcmcly marked. For example, the addition of 0.028 N KCl to a 1.04 N 
olution of HCl raises the diffusion coefficient from a value of 2.09 to 2.27, 
r approximately ten per cent. Effects such as these afford perhaps the 
trongest grounds we have for believing that electrolytes are ionized. 
)n the other hand, they do not enable us to determine to what extent 

•Arrhenius, ZlscJtr. f. phys. Chem. 10, 51 (1892). 
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TABLE CXI. 


Diffusion Coefficients 

OF Electrolytes in the 

Presence op Other 

Electrolytes in Water at 12'^ 

Diffusion 

Diffusing 

Added 

Coefficient 

Electrolyte 

Electrolyte 

at 12° 

1.04-.n HCl 

None 

2.09 

(C 

0.67-n NaCl 

3.51 

ic 

0.1-n NaCl 

2.50 

ti 

0.75-n KCl 

4.22 

ii 

0.25-n KCl 

3.08 

a 

0.085-n KCl 

2.51 

Cl 

0.028-n KCd 

2.27 

Cl 

0.75-n BaCl„ 

4.12 

Cl 

0.085 n BaCl,. 

2.46 

Cl 

2-n NH,C1 

4.50 

Cl 

0.25-n Nn,Cl 

2.99 

0.52-n HCl 

None 

2.09 

ll 

0.042-n KCl 

2.46 

Cl 

0.375-n KCl 

3.89 

iC 

3.43-n NI1,C1 

4.67 

0.55-n HNO3 

None 

1.91 

cc 

0.1-n KNO., 

2.59 

Cl 

0.5-n KNo' 

3.70 

cc 

0.5-n NaNC)., 

3.39 

0.54-n NaOH 

None 

1.15 

CC 

0.25-n NaCl 

1.90 

Cl 

0.067-n NaCl 

1.51 

cc 

0.25-n Na..SO^ 

1.80 

Cl 

1-n NaNO; 

2.20 

cc 

1-n NaC.,H.,0„ 

1.78 

Cl 

0.2-n NaNO., “ 

1.80 

Cl 

0.2-n NaC.ji.,0„ 

1.60 

Cl 

3-n NaCl ‘ 

1.98 

cc 

1-n NaCl 

2.30 

0.98-n KOH 

None 

1.72 

CC 

0.1-n KCl 

1.92 

cc 

1-n KCl 

2.57 

0.49-n KOH 

None 

1.70 

CC 

0.05-n KNO., 

1.91 

cc 

0.5-n KNO,,' 

2.54 

cc 

0.5-n KCl ■ 

2.57 


ionization has taken place in ii given solution. These facts,, wliile they 
do not enable us to distinguish between partial and coniphdn ionization, 
supply abundant evidence that salts are ionized to a large e.xtent. 
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2. Density of Electrolytic Solutions. According to the ionic theory, 
the properties of dilute solutions of electrolytes are additive functions of 
the concentrations of the ions and of the un-ionized molecules. If n is 
the value of a given property of such solutions and 


(81) 

Ajc : 


then: 



(82) 

Ajt = 

:Ayi-B(l-r) 


where Jto is the value of the property at zero concentration, at is its value 
at the concentration C, y is the ionization of the electrolyte at this con¬ 
centration, and A and B are constants relating to the ions and the un¬ 
ionized molecules respectively. Ajt is evidently the percentage equivalent 
property change due to the electrolyte at the concentration in question. 
In applying this equation, it is tacitly assumed that the property is inde¬ 
pendent of any interaction between the ions and the un-ionized molecule, 
otherwise a term should be added involving the concentration and the 
equation would no longer be linear. Equation 82 may evidently be 


written: 


(83) 

An = B+ A'y, 

where 


(84) 

A'-A — B. 


Ajt is thus a linear function of y, and from the known values of Ait the 
values of y may be obtained. Such additive properties lend themselves 
to a determination of y, ^^nd a comparison with the value of y as derived 
from conductance measurements might be expected to thus serve as a 
check on the correctness of these values. A simpler method of com¬ 
parison consists in plotting the measured values of Ajc against those of y 
as derived from conductance measurements.'^ If the two methods yield 
concordant values of y, the graph should be a straight line. 

Unfortunately, this method of checking the results of conductance 
measurements is restricted in its application owing to the fact that in 
many cases the value of a given property for the un-ionized fraction does 
not differ aj)pr(‘ciably from the sum of those of its constituent ions. This 
appears to be the case, for (‘xample, with many of the optical properties 
of ehictrolytic solutions. 

Many pro|)erties of atomi(‘. and 'molecular complexes depend upon the 

* A vn. d. Pliiis. ii7, 731) (11)12); iUd., 30, S73 (1909); Magie, Physical 

Review Hi), 171 (1907), 
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number and the distribution of the charges within these complexes. If 
these complexes are relatively stable, as we know the ion complex to be, 
then the properties of the complexes will be relatively independent of the 
manner in which two or more of them are grouped together. We should 
not, therefore, expect any considerable change in those properties of elec¬ 
trolytes which depend primarily upon the distribution of the charges on 
the ions; for the ionic complexes exist practically unchanged in the 
un-ionized molecules whatever their state; that is, whether in solution or 
as liquid, solid, or, perhaps, even vapor. Only such properties as depend 
on the field due to the ions may be expected to exhibit a marked differ¬ 
ence for the ions and the un-ionized molecules. In the un-ionized state 
the two ions form an electrical doublet with a closed field, while in the 
ionized state the field is open. Those properties, therefore, wliich depend 
upon the field in the immediate neighborhood of the ions should give evi¬ 
dence of the existence of the ions and of the un-ionized molecules, should 
these molecules be present in solution. 

Foremost among the properties of this class we should expect the den¬ 
sity of solutions to be included. It is well known tliat the solution of 
salts in water is accompanied by a marked volume contraction, which is 
the greater the lower the concentration of the solution. According to 
Drude and Nernst,® a volume change is to be expected as a result of 
the action of the ionic charge on the molecules of the surrounding 
medium. Obviously, other effects may come into play, such as the hydra¬ 
tion of the ions, etc. 

The density of aqueous solutions has been studied from this point of 
view by Heydweiller,^ He found that, with a few exceptions, tlie density 
change of electrolytic solutions may be represented as a liruiar fun(‘,ti()n 
of the ionization corresponding to Equation 82. It is inuj iJiat the ])rc- 
cision of the density measurements is not always gr(‘at and oftxai the 
concentration range over which the c(iuation has he(ai tested is not large. 
Then, again, the lowest conccntrtitions up to which the la^lation Inis been 
tested is not much below 0.1 N. It is a remarkal)Ie fa(‘t, how(a'(!r, that 
for a number of electrolytes the density may be expresstal us a linear 
function of the ionization over large concentration ranges, as, for (‘xample, 
in the case of zinc chloride, calcium chloride and potassium hydroxide. 

The constant B is the equivalent percentage density change due to the 
un-ionized salt. If it be assumed that the un-ionized moleculos in the 
solution occupy the same volume as they do in t he pure condition as salts, 
then the value of tlie constant B may be calcuhited from the known den- 


t 

r 




1 


1 


"t 




“Drude and Nernst, Ztschr. f. j)hys. Chem. 70 (1804). 
«Heydweiller, loc. cit. 


OTHER PROPERTIES OF ELECTROLYTIC SOLUTIONS 


285 


sity of the salt. In Table CXII are given values of so calculated, 
together with values of as experimentally determined by Heydweiller 
for different salts in water. 

TABLE CXII. 


CoMPAEisoN OF Experimental and Calculated Values op B. 


Salt 

Be 


Salt 


Be 

NHJ. 

.. 8.38 

8.55 

LINO, . 

, 3.71 

4.02 

NaCl . 

. 3.36 

3.15 

LiCl . 

. 2.06 

2.17 

NaNOs .... 

.. 4.88 

4.74 

Nal . 

. 10.45 

10.77 

KNO 3 . 

.. 5.21 

5.30 

1/2 Cal^ ... 

. 11.55 

11.70 

1/2 K„S 04 . 

.. 5.73 

5.45 

1/2 BaBrj .. 

. 11.80 

11.75 

KCIO 3 . 

. 6.73 

7.00 

1/2 Bal^ .... 

. 15.56 

15.58 

AgNO,. 

.. 13.28 

13.04 

1/2 CdNOa . 

. 9.21 

9.15 


From an inspection of the table it appears that the values of B. and 
are in remarkably good agreement. The differences probably do not 

exceed the experimental error. The values calculated in this way, how¬ 
ever, do not in all cases agree as well as those appearing in the above 
table. In the case of salts which show a marked tendency to form 
hydrates, Heydweiller has employed the density of the hydrated salt 
rather tlian that of the anhydrous salt and has obtained excellent agree¬ 
ment between the observed and the calculated values of the constant JS, 
while in another group of electrolytes the values of B as calculated are 
not in close agreement with those as measured. This is illustrated in the 
following table. 

TABLE CXIII. 

Comparison op ILxperimkntal and Calculated Values of B, 


Salt 



Salt 



NH,C1 . 

0.42 

1.83 

KCl . 

. 2.94 

3.71 

Nn,Br. 

4.45 

5.69 

KBr. 

. 6.65 

7.48 

Nil.,NO.,. 

2.C0 

3.39 

KI . 

. 10.56 

11.20 

1/2 N„IES(),. . 

2.49 

2.87 

KCNS . 

. 3.70 

4.57 

Lit . 

9.53 

10.10 

1/2 K..CrO, . 

. 5.83 

6.16 

LiBr. 

5.84 

6.19 

RbCl".. 

,. 6.24 

7.79 




CsCl. 

. 10.36 

12.62 


While there is a marked deviation between the values of B as derived 
from the experimental curves and as calculated from the density of these 
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salts, nevertheless, the parallelism existing between the two sets of values 
is unmistakable. 

The constants A are the equivalent percentage density changes due 
to the ions. This property should be an additive one. If this is true, 
the difference in the values of the constant A for salts with a common 
ion should be constant. Hcydweillcr has calculated tlic value of the 
constants A for different ions. To illustrate how nearly the additive 
condition is fulfilled by the experimental values of the constants, the fol¬ 
lowing values are given. Table CXIV-A relates to a scu-ies of sodium 
salts and Table CXIV-B to a series of nitrates. In the first column is 
given the symbol of the negative ion of the s;dt, in the second column the 
experimentally determined value of the constant .1, in the third column 
the value of the constant A„ for the anion, and in the bust column tlie 

difference A — A„ =A,. for the cation. In the case of the nitrates 

CL 10 

similar values are given for those salts. 


TABLE CXIV, 

Showing the Additive Naitjke of A. 


A. 

Sodium Salts 



B. Nitrates 



A 




A 



. 

4.44 

3.04 

1.40 

H . 

. 3.47 

— 1.05 

4.52 

F . 

4.56 

3.16 

1.40 

Li . 

. 4.20 

- 0.35 

4.55 

CIO, .... 

7.33 

5.95 

1.38 

Na .... 

. 5.95 

1.38 

4.57 

NO, .... 

5.95 

4.54 

1.41 

Ag .... 

14.()I 

10.02 

4.59 

Cl. 

4.38 

3.02 

1.30 

Nil, ... 

. 3.61 

-..0.08 

4.59 

Br . 

8.08 

6.68 

1.40 

K . 

,. 0.72 

2.10 

4.62 

I . 

11.52 

10.27 

1.25 

Kh .... 

,. 10.75 

0.32 

4.43 

OH. 

4.88 

3.40 

1.48 

1/2 Mii 

. 5.82 

1.33 

4.49 

1/2 SO, 

7.09 

5.77 

1.32 

1/2 Zn 

.. 8.00 

3.01 

4.48 

1/2 CrO, 

7.72 

6.38 

1.34 

1/2 Cd 

. . 0.04 

5.43 

4.51 





1/2 Cu 

.. 8.14 

3.03 

4.51 



Mean 

1.38 

1/2 Ca 

0.57 

2.02 

4.55 





1/2 Sr , 

. . 8.08 

4.38 

4.60 





1/2 Ba 

. .1 I().7()) 

0.54 

(4.22) 





1/2 ri) 

.. 14.87 

10.34 

4.53 







Mean 

4.54 


It will be noted that the values of (he consfaiils and Aj. show remark¬ 
ably small variations. Tliey tlius fulfill the condition of additivity. 
Only a few electrolytes, such as magnesium sulphate, sodium car- 
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bonate, and sulphuric acid, exhibit density changes which do not vary 
as linear functions of the ionization. The cause of the variation in these 
cases is uncertain, but may be due to the formation of complex ions, to 
hydrolysis, etc. 

The volume changes of electrolytic solutions in methyl alcohol have 
likewise been examined.'^ The results obtained correspond very closely 
with those obtained in the case of aqueous solutions. The density change 
due to ionization, which is obviously equal to the difference A — B, is 
considerably greater in methyl alcohol solutions than it is in water. This 
is not surprising, since the dielectric constant of this solvent is much 
smaller than that of water. We should expect that, if the density change 
is the result of the action of the field due to the charge on the surrounding 
solvent molecules, the density change would be the greater the smaller 
the dielectric constant of the medium. 

In order to finally establish the additive nature of the density changes 
of electrolytic solutions, it will be necessary to extend the measurements 
to much lower concentration. Methods exist for measuring the densities 
of dilute solutions with sufficient precision to make it possible to extend 
the measurements to concentrations approaching 10"^ N. Until this is 
done, tlic results of density measurements must remain more or less in 
doubt. Tlie concordance of the results so far obtained, however, would 
appear to justify further efforts along these lines. 

Some measurements have been made by Rohrs ® on the density of 
solutions in ethyl alcohol and acetone. The interpretation of the results 
is uncertain owing to the small change in the ionization over the con¬ 
centration intervals for which measurements were made. 

3. Velocity of Reactions as Affected by the Presence of Ions. The 
speed of many reactions, such as the inversion of sugars and the hydroly¬ 
sis of esters, for example, is greatly increased on addition of acids. 
Ostwald ^ showed that tlic catalytic effect of different acids is the greater 
tlie. stronger the acid. It appeared, at first, that the catalytic effect of the 
a(‘ids provided an ind('pendcnt method for estimating the concentration 
of the hydrogen ions in an acid solution. Further investigations,^® how¬ 
ever, showed that tlie catalytic action is likewise dependent upon other 
fa(‘tors, such as the presence of otlicr substances and especially electro¬ 
lytes. Tims, the catalytic action due to a strong acid should be reduced 
on the addition of a salt of this acid. While such a reduction takes place 

lOiHienbor/?, Tnanpiiral DisHorfation, Rostock (1913). 

« Rohrs, A7in. d. iniyB. S7, 2S0 (1912). 

« Ostwald, prolct. Chem. 28, 449 (1888); 20, 3S5 (1884) ; 31, 307 (1885). 

Arrhenius, Ztscfir. f. phys. Chem. 5, 1 (1890). 
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in the case of the -weaker acids, in that of the stronger acids the catalytic < 
action is actually increased. ... { 

It is now commonly accepted that the un-ionized acid molecules, as 
well as the ions themselves, influence the rate of these reactions. Ac¬ 
cording to this hypothesis, the reaction constant is given by an equation J 
of the form: \ 

( 86 ) K = + 

where K- and K are the velocity constants for the ions and the un-ion- 

% 71* 

ized molecules respectively and Cj^ and are the concentrations of the 
ions and the un-ionized molecules. The constant is in general deter- : 

mined by adding, to a dilute solution of an acid, a salt of the same acid. 
Under these conditions, the ionization of the acid is practically repressed 
to zero and it is assumed that the residual catalytic action is due entirely i 
to the un-ionized acid molecules. The results of many experiments on a ! 

great variety of reactions are, on the whole, in good accord with this ^ 

hypothesis. It should be noted, however, that the ratio of the constants ( 
K„ to K- is a function of the strength of the acid, as well as of other 

factors. The weaker the acid, the smaller is, in general, the value of this 
ratio. In the case of the strong acids, the value of this nitio may be ' 
unity or even greater. 

In the following table arc given values of the inversion (‘oeflnrient for 
aqueous solutions of canc sugar, iiccorcling to Ostwald, at 25”. The 
concentration of the acids was in all cases 0.5 N and the values given for 
the constants are relative to that of hydrof'hloric acid t aken as unity. 

TABLE CXV. 

InVEUSION CoEFFieiKNTS FOR DIFFERENT A('II)S. ^ 


Hydrochloric acid. 

. 1.000 

Trichloroa(‘ctic n(‘id ... 

... 0.754 

Nitric acid. 

. 1.000 

1 )i(*hloro.‘i ('f‘t i(* jicii| 

0 271 

Chloric acid. 

. 1.035 

Moiuxdiloroiici't ic nt'id 

. .. O.O ISI 

vSulphuric acid. 

. 0.536 

Formic acid. 

.. 0.0153 

Benzenesulphonic acid ... 

. 1.044 

A(’etic ticid. 

.. 0.0040 


It is clear that tlie catalytic action of the aci<ls is intiinat(‘ly nLitcd 
to their strength. 

For the purpose of investigating the effect of the neutral molecules 
upon reactions, solutions in non-aqueous solvents nnt in many respects 
better adapted than those in water, since the ionization of the acid in 
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these solutions is much smaller than in water. Numerous experiments 
have therefore been carried out in methyl and ethyl alcohols. 

In the following table are given values of the esterification constant 
for different acids in methyl alcohol, according to Goldschmidt and 
Thueson,^! at 25°. The numerical values for 0.05 HCl, 0.1 picric acid 
and 0.1 trichlorobutyric acid are given in the second, third and fifth 
columns respectively, while in the fourth and sixth columns are given 
the values for picric acid and trichlorobutyric acid of the strength given 
in the presence of 0.15 pier ate and 0.1 butyrate respectively. 

TABLE CXVI. 

Esterification Constants in Methyl Alcohol for Different Acids 
IN THE Presence of Other Acids as Catalyzers. 


Catalyzing acids 


Esterifying acid 

HCl 

CeH^N^O, 

Picrate 

C,Cl3H,0, 

Butyrate 

Phenylacetic acid . 

2.23 

0.265 

0.047 

0.0167 

0.00102 

Acetic acid. 

4.86 

0.590 

0.100 

0.0375 

0.00172 

n-Butyric acid _ 

2.23 

0.277 

0.0535 

0.0177 

0.00097 

i-Butyric acid .... 

1.55 

0.196 

0.0353 

0.0129 

0.00074 

i-Valeric acid _ 

0.583 

0.0735 

0.00144 

0.00475 

0.00029 


From this table it may be seen that the catalytic action of an acid 
is the greater the stronger the acid. Nevertheless, the catalytic action 
of an acid is not proportional to the concentration of the hydrogen ion. 
The ratio between the velocity constants for 0.05 N hydrochloric acid 
and 0.1 N picric acid varies between 7.78 and 8.91 for the different acids, 
while the ratio of tlic ion concentrations is 6.56. So, also, the ratio of 
the hydrogen ion concentrations for 0.1 N and 0.01 N picric acid is 3.64. 
The ratio of the esterification constants between these concentrations is 
3.90. It will be observed that, on the addition of sodium picrate to picric 
acid, the velocity constant varies approximately in the ratio of 1 to 6, 
while, on the addition of trichlorobutyrate to butyric acid, the velocity 
constant changes in tlic ratio of 1 to 18, It should be stated in this con¬ 
nection that the values given for the constants of picric acid and tri¬ 
chlorobutyric a(dd in the presence of other salts represent practically the 
minimum limiting values which arc independent of the concentration of 
the tiddcMl salt. In other words, the salt added is sufficient to completely 
repress the ionization of the acid. Accordingly, the residual catalytic 
action of the acid must cither be due to the un-ionized molecule or to 
some other agency. The weaker the acid, the smaller, relatively, is the 

“ OoldKclunidt and ThueMOu, Ztschr. f. phys. Chem. 81, 30 (1913). 
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catalytic power of the neutral molecule. The values of the constants 
K- md K may be determined from a series of measurements. In the 

case of the examples given above the following values of K^Cj^ were 
obtained for trichlorobutyric acid as catalyzer at conc-entrations of 0.1 
and 0.05 N. 

TABLE CXVII. 

Velocity Coefficients foe the Hydrogen Ion of Teichlorobutyric 
Acid in the Esterification op Different Acids. 

Con- 


centration 
of Acid 

Phenyl- 

acetic 

Acetic 

n-Butyric 

i-Butyric 

i-Valeric 

0.1 . 

0.0157 

0.0358 

0.0167 

0.0122 

0.00448 ^ 

0.05 . 

0.0109 

0.0247 

0.0114 

0.00826 

0.00304 

Ratio .... 

1.44 

1.45 

1.47 

1.48 

1.47 


It is seen that the ratio of the velocity coefiicients cuh-ulatcd for the 
ions between 0.1 and 0.05 N is 1.46. According to conductaiu'o measure¬ 
ments the ratio of the ionization of this aci<l at these two concentrations 
is 1.42. Taking into account the numerous po.ssible sources of error, the 
agreement appears fairly satisfactory. 

A'„ 

In the following table are given values of h and for hydrochloric 

i 

acid, acetic acid, and the chloro- sub.stitution i)roducts of this. a(!id.“ 


TABLE CXVIII. 


Variation of the Ratio 

FOU DlFFKltKNT 

Acids. 

Acid 




Hydrochloric acid . 

780 

1.77 


Dichloroacetic acid. 

. 220 

0.50 

5.1 x’lO-^ 

a-(3"Dibromopropionic acid_ 

67 

0.152 

1.67 X 10-" 

Monochloroacetic acid. 

24.5 

0.055 

0.155 X 10-" 

Acetic acid. 

1.5 

0.0034 

0.0018 X 10-“ 


Similar results have been obtained by Taylor and by Ramstedt.” It is 
clear that the value of A'^ increases with the strength of the acid. As 

12 Dawson and Fowls, J. ('hem. *S'or. I0>f, 21.*15 (11)13). 

YoJ 3^ Vct.^Akad’a, Nffbelin.Hiitut, V«H, .1, No. I ; Kaiustedt, ibid. 
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shown in the table, the catalytic action of the neutral molecule of hydro¬ 
chloric acid is greater than that of the hydrogen ion. As the acids become 
weaker, however, the catalytic activity of the neutral molecule diminishes 
and reaches very low values in the case of weak acids. According to 

Taylor, the ratio is related to the ionization constant of the acid by 
the equation: 



where A is a constant. If the law of mass action applies to the acid, this 
leads to the relation: 

where and are the concentrations of the un-ionized and the ionized 
fractions of the acid, respectively. 

Many reactions .are likewise catalyzed by the hydroxyl ions and, in 
alcohol solutions, by the alcoholate ion.^'^ Since the results obtained in 
these cases do not differ materially from those obtained in the case of 
acids, the details need not be given here. 

It is evident that the catalytic action of the hydrogen and hydroxyl 
ions may not be safely employed for determining ion concentrations. At 
all events, the interpretation of the results obtained is still very uncertain. 
In this connection, it may be noted that Arrhenius has proposed an 
alternative hypotliesis to account for the effect of the un-ionized fraction 
ac(H)rding to which the change in the catalytic activity is a secondary 
effect due to a change in the osmotic pressure of the molecules as a 
consequence of the addition of the neutral salt. While the catalytic 
effects due to tlie ions arc of great interest and often of much practical 
importance, nevertheless, at the present time, they have not enabled us 
to gain any gre^at insiglit into the nature of electrolytic solutions. 

Re(‘cntly a number of investigators have ascribed the effect of neutral 
salts on the (‘atalytic action of strong acids to the influence of the added 
salt on the thermodynamic potential; or, what is equivalent, the activity 
of the hydrogen ion. Earned has studied the action of neutral salts on 
the rate of various r(‘M(^tions wliich are catalyzed by ionic catalysts and 
has compared this effect with the change in the activity of the catalyzing 

Actcc, nuinc‘roiis nrticlos in the Am. Chem. J. and J- Am. Chem. Soc. since 1907. 
See: Acr(M', Am. (fliam. J. 474 (1013). 

Arrln'iiius niul An(l(‘rsKon, Miuldrl K. Vct.-Akad's. Nohclinstitut 3, No. ?15 (191T)i 

nari)c(], d . Avh Ohcfip . JfO , 5.4(>} (1918). 
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ions due to the addition of another salt with a common ion. He finds, 
in general, a correspondence between the two efTects. Harncd has also 
pointed out that the neutral salt effect appears to be related to the hydra¬ 
tion of the added salt. 

Akerlof has measured the influence of acids on the rate of reaction 
of ethyl acetate in water at 20 ° in the presence of varying concentrations 
of salts having an ion in common with the acid. The activity of the 
hydrogen ion in the presence of an added salt was determined by meas¬ 
urement of the electromotive force of conccaitration <‘ells. With hydro¬ 
chloric and sulphuric acids, Akerlof found that, with iiuTeasing activity 
of the hydrogen ion, the velocity constant iiKTeases. For the same con¬ 
centration of the catalyzing acid, the velocity constiint was found to 

increase approximately as the cube root of the activity of the hydrogen 
ion; or, 

(87) 

where is the velocity constant of the reaction, A is a ccaistant having 

the same value for different salts, and a is tlu* a(‘ti\dty of the hydrogen 
ion in the mixture. In the case of a numbcT of salts the value of A was 
found to depend upon the nature of the salt as well as uptm its concen¬ 
tration. It is possible that these discrepancies are due* to various sources 
of error. With increasing acid (‘oncentration, tlu‘ <‘onstant A was found 
to increase, but apparently not in din^ct {)roportion to the (‘ouctaitration. 

Equation 87 is an empirical one, and, so long as it lacks a theondlcal 
foundation, the interpretation of the for(‘going n‘siilts remains un(‘ertain. 
It appears that, for a number of salts, the v(‘lo(‘ity ('onsiant varies in a 
similar manner with the activity of tlui catalyzing ion; hut, in view of 
the possible exceptions whidi have b(‘en found, it would b(‘ unsafe to 
generalize the results obtained. FurtluT invt'stigatious along this line, 
however, are of considerable interest. 

4. Optical Properties of Electrolytic Sobitiofis, Among tli(‘ various 
optical properties of solutions, only tlui absorption spetdra have; been 
determined with sufficient precision to mak(‘ it possibU* to draw conclu¬ 
sions with any degree of certainty. Since th(‘ optical propcrfi(‘s are pri¬ 
marily dependent upon the number and arrangtnneni of th(‘ (di^ctrons, 
it is not to be expected that the ions and tlu! un-ionized mol(‘cul(‘S will 
exhibit any marked difference with r(^sj)e(‘t to tlu‘S(‘ propcud.ies. It is true 
that, in the case of a few solutions, siudi as the co|)p{‘r salts for example, 
marked changes take place in the optical prop(*rties as the conctaiiration 

« Akerlof, Ztachr. f. phys. Chem. QH, aco (loei). 
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changes, but these changes are to be ascribed, primarily, to a displace¬ 
ment of the hydration equilibrium existing in these solutions* As the 
solutions become more dilute, this effect disappears. The absence of any 
difference in the optical effects of the ions and of the un-ionized molecules 
has led some writers to infer that un-ionized molecules are entirely want¬ 
ing in electrolytes. This inference, however, does not appear to be well 
founded. 

In general, if no reaction takes place which tends to alter the nature 
of the chromophore group, the absorption of an ion is independent of the 
nature of the solution, as well as that of other ions with which it may be 
combined. This is well illustrated in the case of the absorption of acetic 
acid in the ultra-violet region. 

In Figure 57 is shown the absorption curve for acetic acid in water 
and in petroleum ether and for the potassium and barium salts of this 
acid in water. From an inspection of the figure it is evident that the 
absorption of these solutions is the same within the limits of experimental 
error. In Figure 58 is shown the absorption curve for ammonium, potas¬ 
sium, barium and calcium salts of trichloroacetic acid in water.^® Here, 
again, it is evident that the absorption curves are identical within the 
limits of the experimental error. What holds true in the cases which 
have just been cited holds true also in solutions of other electrolytes. In 
general, wlicnever a variation arises in the absorption curve, as a result 
of a change in the solvent or a change in the accompanying ion, this 
effect may be ascribed to some reaction taking place in these solutions 
which alters tlie nature of the chromophore group. 

In the following table are given the extinction coefficients for chromic 
acid and potassium bichromate in water according to the measurements 
of Hantzsch."^^ 

TABLE CXIX. 

Extinction Coefficients of Chromic Acid and Potassium 
Bichromate in Water. 

H.Cr^O^ K^Cr^O, 


Wave Lengths 

405 

436 

486 

543 

405 

436 

486 

546 


' 10. 



. . 

1.9 

, , 

, , 

, , 

1.73 

T7 

100. 

• • 

• a 

89 

1.8 
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88.7 

1.67 

V -i 

500 . 

333 

275 

. . 

, , 

. . 

292 

86.8 

. , 


1000 . 

320 

269 

88.5 

. . 

332 

287 

87.2 

. • 


Ilant/.Kch, ZlHcUr. f. phys. Chetn. 86, 029 (1914). 
Idem, l(K‘. (‘it. 

"''Idem, ZtHchr. f. phys. Clicm. 68, 370 (1908). 






Absorption Coefficient 



Fig. 57. Absorption C\irv(‘ of Tri- Fic. oS. Ab.-orpt.inn ('nrvt's of Aiiucoiis 

chloroacotic Acid in Watcid.) jin<i iSolutions of NHj.), K( } ), 


in Petroleum Kther (X), and of Po- and ( a(o) d’nchloracotalo.s. 
tassium Trichloroac{‘tat(‘ in Wat(*r 


(+), and Barium Trichloroac(‘tatt.‘ in 
Water(o) as a Function of the Wave 
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It will be observed, from this table, that the values' of the extinction 
coefficients for chromic acid and potassium bichromate are identical 
within the limits of experimental error. The absorption here is due to 
the negative ion. It will be noted that the absorption, moreover, is 
independent of the concentration, which indicates that the negative ion 
in the un-ionized molecules possesses the same optical properties as in its 
free state; that is, in its conducting state. The absorption coejBScients of 
the chromate ion are not affected by the presence of acid, but they are 
slightly affected by the presence of bases. In the following table are 
given values of the extinction coefficients for potassium bichromate in 
the presence of varying amounts of potassium hydroxide for the wave 
length A. = 486. 

TABLE CXX. 

Absorption Coefficients of Solutions op Potassium Bichromate in 
THE Presence of Potassium Hydroxide. 

Wave Length X = 486. 


Cone. Base 

0 

1/2000 

1/100 

1/1 

f 50 

89.9 

84.3 

83.7 

81.7 

V . 100 

89.0 

84.0 

83.0 

82.3 

[200 

89.0 

83.6 

82.0 

81.4 


It will be observed that, on the addition of potassium hydroxide, the 
absorption of potassium bichromate is affected to a small but measurable 
extent. Hantzsch has shown that this is due to the formation of other 
chromophorc groups. 

In different solvents, the chromates have identical values of the ab¬ 
sorption coefficients, as may be seen from the following table. 

TABLE CXXI. 

Absorption Coefficients of Sodium Chromate in Methyl 
Alcohol and in Water. 


X = 486. 


V 

H,0 

CH 3 OH 

2000 

229 

231 

5000 

227 

233 


The results obtained from a study of other chromophore groups are 
similar to those obtained in the case of the chromates, and need not be 
given here. 
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Hantzsch has also studied the absorption of salts of certain organic 
chromophore groups. In certain of these salts, marked changes have 
been found and Hantzsch has been able to show tliat in these cases the 
change is due to a shift in the equilibrium between two chromophore 
groups. In the case of salts of certain organic chromophores, however, 
f!Tna.ll differences have been found for which an adequate cxphination has 
not thus far been given.“ In the following table are given values for the 
equivalent extinction coefficients for different salts of acetyloxindon. 

TABLE CXXII. 

Extinction Coefficients for Different Salt.s of Acetyloxindon 


IN Water. 
X = 436. 


Concentration: 

1/100 

1/250 

1/1250 

1/2500 

1/5000 

Thickness of layer: 

1 mm. 

1 cm. 

2 cm. 

5 cm. 

10 cm. 


rsr. 

• • • • 

400 

388 

390 

384 


Li . 

• • - • 

347 

350 

358 

350 

Said 

Na. 

.. 388 

385 

390 

382 

380 


Cs . 

.. 383 

391 

387 

380 

390 


TI. 

.. 389 

385 

381 

390 

394 


In aqueous solutions, the absorption spectra of tlie different salts of this 
acid are very nearly identical with the excei)tion of the lithium salt, 
whose values appear to be a little low. in the easi' of all salt s, t lu; extinc¬ 
tion coefficient is independent of the concentration. 

While the extinction coefiiciiints for the oxindon salts in acpieous solu¬ 
tions are the same for all cations, with the possible exception of lithium, 
in solutions in ethyl alcohol a marked difference has been found. In 'I'able 
CXXII are given values of tiu' extinction coellieients of different salts in 
ethyl alcohol. It will be observed that here, again, the value of tlu' co¬ 
efficient is independent of the concentration, but that it varies with the na¬ 
ture of the positive ion. This variation is umiuesf ionably far in exc<','^s of 
any probable experimental error. The difference miahl. Ik- ascribed to a 
difference in the optical properth's of the un-ioni/.ed molecules, and it is 
known that in these solutions the ionizat ion of these salts is relatively low. 
However, over the concentration ranges in (luesfion, the ionization for a 
given salt varies considerably, which makes it dilliciill to account for the 
constancy of the coefficient at different eoncentral ions. While Hantzsch is 

« Hantzsch, Her. J/S, 82 (.1010). 

Idem, Ztscli/r. f. phys. Chem. Sj, (tUUH. 
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TABLE CXXIII. 

Extinction Coefficients fob Salts of Acetyloxindon at Dipfeeent 
Concentrations in Ethyl Alcohol. 

= 436. 


Concentration: 1/100 1/1000 1/1000 1/2500 1/6000 

Thickness: 1cm. 1cm. 2 cm. 5 cm. 10 cm. 

Ca. 214 220 226 217 

Sr. 230 227 232 231 

Ba. 230 238 240 236 

Li . 259 263 255 250 . 258 

Salt^Na. 325 330 328 325 322 

K. 339 338 333 325 340 

Rb. 329 327 329 343 341 

Cs . 390 409 393 383 395 

T1 . 325 328 337 330 


inclined to account for these variations on the basis of a slight rearrange¬ 
ment in the chromophore group, somewhat similar to that established in 
the case of the salts of the oximidoketones, a thoroughly satisfactory ex¬ 
planation of this behavior of the above solutions does not exist. 

From the foregoing, it appears that, in solutions of salts which have 
stable chromophorcs, the absorption spectra are independent of the con¬ 
dition of the salt, and accordingly we may conclude that, whether an ion 
is combined or uncombined, tlie absorption spectrum remains unchanged. 
Where changes occur, reactions are to be looked for, the nature of which, 
however, has not been cstablislied in all cases. 

5. The Electromotive Force of Concentration Cells, The properties 
of a solution arc determined by the values of the variables which fix its 
state. If the solution is subject to the action of external forces, its prop¬ 
erties will vary accordingly. Under such conditions the thermodynamic 
potential of the dissolved substance suffers a change and electromotive 
for(‘.es naturally arise under suitable arrangement of solutions and elec¬ 
trodes. Such, for example, is the case when solutions are subjected to 
centrifugal ti<*,tion.“'‘ We shall, however, confine ourselves here to a con- 
sid(‘ration of el(u*tromotivc forces arising as a result of concentration dif-. 
h'.rencc. Wliercwer we have a surface of discontinuity between two 
electrolyte's, or between an electrolyte and a metal, an electromotive 
force will in general arise. 

For a system under the action of external forces, the condition for 


8® Tolman, Proc. Am. Acad. J^O, 109 (1910). 
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equilibrium requires that the total potential shall be the same throughout 
the system. The total potential is defined by the equation: 

(88) ikf' = M + P, 

where M' is the total potential of a given molecular species, M is its 
thermodynamic potential, and P is the potential due to the external 
forces. The thermodynamic potential may be expressed as a function of 
the concentration by means of the equation: 

(89) ^ — PP ^ ”1“ "1“ j 

where f is a function independent of concentration, while J is a function 
which, in general, involves all the independent variables of the system. 
For a concentration cell operating between the concentrations and 
Cj, we have: 

(90) (M* + M-) 2 — (ikf* + M-) i = — W, 

where M* and M~ are the thermodynamic potentials of the ions of a 
given electrolyte and W is the work performed by the cell when one 
equivalent (or mol) of the electrolyte is carried from the first solution to 
the second. Introducing Equation 89, and writing for W its value in 
electrical units, we have: 

(91) -rEF = ET + (27,^.- (SJ-)„ 

where == F is the clectr()(‘Iu‘ini(‘iil (HiiuvuU'nt, E the elec¬ 

tromotive force, and r the number of c(j[uivalents of electricuty flowing 
per equivalent of electrolyte transferred. The value of r depends upon 
the number of charges v associjited with a inohauiki of th(‘ (dc^ctrolytc 
and the nature of the electrode process. For a {‘oiuamtration cell with 
transference, 

(92) r = v/N, 

where N is the transference number of the ion to whi{‘h the elecd^rodcs 
are impermeable. For cells without transfercn(‘e, N 1. The clcc.tro- 
motive force E is that due to the transfer of the elec-trolyte alone, and, 
if other processes are involved, the measured ele(‘troinotive force must 
be corrected for these processes before introducing into h]([uati()n 91. 
At higher concentrations, in view of the fac.t that the ions are hydrated, 
solvent will be carried from a solution of one corn^entration to that of 
another. This process involves work and the electromotive force, as 
measured, must be corrected accordingly. In general, since the relative 
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hydration of the ions is not known at the concentrations in question, 
such corrections cannot be made. The same considerations hold true of 
the reactions in which the electrolyte is concerned, such as the formation 
of intermediate or complex ions, complex molecules, etc. 

The electromotive force of a concentration cell may likewise be 
expressed in terms of the concentrations of the un-ionized fraction, which 
leads to the equation: 

(93) -tEF = ET log^ + . 

“Uj 

If the conditions of dilute systems are fulfilled, then: 

(94) ZIZ J ZZZ J^ZZZ 0^ 

in which case the electromotive force of the cell may be^calculated, if the 
concentration of the ions or of the un-ionized molecules is known. 
Equation 93, in this case, reduces to: 

( 95 ) -rEF = RT\og^^. 

This is the equation first developed by Nernst.=^‘ 

When the conditions for a dilute system are no longer fulfilled, the 
function J is involved in the expression for the electromotive force. This 
function thus measures the change in the potential of the electrolyte due 
to interaction between the various molecular species present in the 
mixture. The form of this function is not known, except in so far as it 
has been determined experimentally. The electromotive force of concen¬ 
tration cells has in many cases been employed for this purpose, since 
it affords a convenient and direct measure of the change in the potential 
of the electrolyte. In order to determine the true form of the function, 
however, it is necessary to know the concentrations C* and C~ or C^. 

Except as the concentration of the ions may be determined from con¬ 
ductance measurements, no method appears to be available whereby the 
concentrations of the ions and of the un-ionized molecules in an electro¬ 
lytic solution may be determined. 

For practical purposes, the equation is often written: 

C ^ 

(96) - rEF = RT log ^ 

Si 

Nernst, Ztaclir. f. phys. Chem. 2, 613 (1888). 
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If the electromotive forces have been determined experimentally, they 
may be expressed as a function of the total salt eoneentration by 

means of this equation. In this case, the function includes not only 

the change in the potential of the electrolyte due to the internal forces 
of the system, but it also includes a term which takes into account the 
change in the expression due to the substitution of for and C\ 

The electromotive force of concentration cells for a grcnit many elec¬ 
trolytes has been measured by various investigators.""* Only a few 
examples of the results obtained will be given here to sliow, in a general 
■ way, the manner in which the potential of an electrolyte varies with the 
concentration. In Table CXXIV arc given values of the el(‘(‘tromotive 
force of concentration cells with hydrochloric acid as electrolyte between 
silver chloride electrodes."® The concentration of the concentrated solu¬ 
tion is in this case throughout 0.1 N. The concentration of the dilute 
solution is given in the first column, in the secaind (‘olurun is given the 
value of the electromotive force as measure<l, in the third and fourth 

columns are given the values —- and \ as detcaaniiunl from conduc- 

'‘4 ^ ih 

tance measurements, and in the fifth and sixth (‘olunms Ukj valiuss of the 
same ratios as calculated from Ikiuations 1)3 and 9(5, assuming J = 0. 

TABLIC CXXIV. 
r. 

Comparison of Valofs of ‘ and ’ for 1I(>I as Dkuivkd from 

' 4 ' n.j 

Conductance and Electromotive .f'oiauo Measurements. 


(Cal.) (Cal.) 
G: G. 




C; 


^4 

'4 


Concentration 


1A 

('■ 

Cj 


III 

of dilute sol. 

E.M.F. 


0.02 

0.07017 

4.78 

7.70 

4.57 

20.9 

0.01 

0.1091:1 

9.49 

I7.;{ 

8.82 

77.7 

0.002 

0.18711 

46.7 

112.5 

41.8 

1744.0 


It will be observed that the cahailated valii(‘s of the ratio ^ do not 

4 

differ greatly from those deriviMl from (‘ondiK^taiKai iiR'asunuiKuits, but 

Linliart, /. Am. (Uivm. Hoc. :i!f, 2(101 (U.nil; thitf.. ;/, I 1TA (1‘UIM; Ellis, iftid. 
S8, 737 (1910) ; Noyos and Ellis, ibid., .lu, 2.");i2 (1917) ; Lewis, DriK'lOon and Set)asMan’ 
ibid., SO, 2249 (1917); Allmand and l*ul(irL\ .1, (’ftrtn, S(k\ li:,, 1<>2<> (I919i; RaiHlall 
and Cushman, J. A7n. (diein. Xoc*. JfO, 393 (19LS); IIarne<I, Jl, 2 l(;o’ (19iro- 

Loomis, Essex and Meacluun, ibid.. Si), 1133 (1917) ; LooiuIh and Aere(‘, Oa. r7/r;a J Mi 
632 (1911) ; Macinnes and Beattie, ./. ,lm. Chem. Noe. .', 2 , 1117 (1920). * * 

2«Tolman and Ferguson, J. Am, Vhetn. /S'oe. Sf,, 232 (1912). 
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that, on the other hand, the calculated values of the ratio ^ differ 

enormously from those measured. The value of the ratio as deter- 

mined from conductance measurements, may be somewhat in error 
owing to uncertainties in the value of Aq. Since the value of 1 — y is 
relatively small, it is obvious that a small error in the value of Aq 
will have a large effect on the value of the ratio determined from 
conductance measurements. Nevertheless, it is evident that the electro¬ 
motive force as measured is much greater than that calculated according 
to Equation 95. 

In the case of other electrolytes similar results have been obtained. 

c. 

In the following table are given values of ^ as calculated from the 

electromotive force of potassium chloride concentration cells.^'^ The 
concentrations of the solutions are given in the first two columns, the 
values found and calculated for the ion ratios are given in the last two 
columns. 

TABLE eXXV. 

Comparison of ti-ie Ratio as Determined from Electromotive 
Force and Conductance Measurements. 





C-,- 



C 


;^(Cond.) 






ii 

0.5 


0.05 

8.85 

8.09 

0.1 


0.01 

9.16 

8.33 

0.05 


0.005 

9.30 

8.64 

0.01 


0.001 

9.62 

9.04 


It is evi(l(‘nt that the ion ratios as determined by means of conductance^ 
measurements arc considerably greater than those calculated from the 
m(aisurc‘(l (‘U'ctromotivc forces, assuming Equation 95 to hold. As the 
solutions become more dilute, the two values approach each other slowly. 

Tlie explanation of these phenomena has been the subject of much 
discussion. The observed fact is that, assuming the laws of dilute 
solutions to hold, the electromotive force of a concentration cell as 


a^MacImies ana Parker, J. Am. Chem. Soc. 57, 1445 (1915). 
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measured is smaller than that which would be calculated from the con¬ 
centrations of the ions and larger than that calculated from the con¬ 
centrations of the un-ionized fraction. One obvious explanation is that 
the conditions assumed to hold in applying the Nernst equation are 
not fulfilled, for this equation obviously can apply only to solutions 
which are sufficiently dilute so that the deviations from ideal systems 
lie within the experimental error. The behavior of solutions of strong 
electrolytes clearly shows that this condition is not fulfilled. The 
Nernst equation, therefore, should not apply. 

On the other hand, it is possible that the ionization measured by 

means of the conductance ratio is not correct. If this is true, the 

Aq 

concentrations of the ions are not known and it is tlicreforc not possible 
to calculate the electromotive force of a (concentration cell from Equa¬ 
tion 95. In this case, we still have to take a(‘C(mnt of the fact that 
solutions of strong electrolytes do not fulfill the conditions of dilute 
solutions. Consequently, it is not possible to (‘al(‘ulate from the electro¬ 
motive force of concentration cells the coiKaaitrations of the ions in 
solution; for it may readily be shown, from electromotive forc'e measure¬ 
ments, that the law of mass action does not apply to solutions of strong 
electrolytes and that, consequently, the laws of dilut(‘ solution do not 
apply. The ratios of the (amcamtrations of the ions, tlu'n'forc.*, (.‘.annot 
be calculated by means of the Nernst ecpiation. 

It has been suggested that strong el(‘(‘tr()lyt(*s nrv conq)l(‘((‘ly ionized 
even at fairly high concentrations. In that (‘asci the function in 
Equation 96 measures the change in the i)()t(‘ntial of tin' (‘h'ctrolyte due 
to interaction between the ions, ({ranting this assumption, th(‘ function 

has a negative value at relatively low concemt rat ions. With increas¬ 


ing concentration the value of J diminishes, pass(‘s througli a minimum, 
and thereafter increases, passing through a value 0 and becoming posi¬ 
tive at very high concentrations."^ 

A considerable number of measurements hnw. been mad(‘ on the 
electromotive force of concentration cells in which oiliia' (‘I(‘ctroiytes have 
been added to the solution of the el(‘ctrolyte surrounding oiut ekadrodc. 
Poma and Patroni have measured the (‘le(‘tromotivc‘ force of coppe^r 
electrodes in solutions of copper salts, to which various (dectrolytes 
with a common ion had been added. Pomameasured the potential 
of the hydrogen electrode in aedd solutions in the i)resen(;e of other elec- 


=«Tho manner in wliirh J varies is discussod furtli{‘r In tli 
the relation of this function to tlic actlvitv. 

JoPoma and laitroni, Zinchr. f. phnn. rhvm. K7, 1U(J (11)14). 
«n"oma, Z^schr. f. phys. Chum. 071 (PJl'l). 


n<*xt chapter a« is qIso 
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trolytes, both with and without a common ion. The results of Poma 
indicate a considerable change in the electromotive force due to the 
addition of another electrolyte. The effect varies with the concentra¬ 
tion and also with the nature of the added electrolyte. At the higher 
concentrations of added salt, at any rate, the effect is greatly dependent 
upon the nature of the added electrolyte, the electromotive force due to 
the addition of a given amount of electrolyte being the greater the 
greater the tendency of the salt to form hydrates. The sign of the 
electromotive force, moreover, was found to depend upon the nature of 
the added electrolyte. 

The results of Poma do not seem to be in good agreement with the 
results of other investigators who have investigated the electromotive 
force of similar cells. The potential of the hydrogen electrode in solu¬ 
tions of hydrochloric acid in the presence of varying amounts of alkali 
metal chlorides has been investigated by Chow,^^ who found that, keep¬ 
ing the total ion concentration constant, the potential of the electrode 
in the mixture may be calculated according to Equation 95, the total 
concentration of hydrogen and of chlorine being employed for the con¬ 
centrations of the ions. According to this result, the function remains 

constant in the mixture, provided the total concentration of the mixed 
electrolytes is maintained constant. Similar results have been obtained 
by Harned.'*- The results of Harned indicate that at low concentra¬ 
tions the function has the same value for the mixture as it has for 

tlic pure electrolyte at the same total salt concentration. At higher con¬ 
centrations, according to Harned’s measurements, the potential of the 
cle(‘trolytc depends upon the nature of the added electrolyte. It was 
also found tliat the potential of the hydrogen electrode in hydrochloric 
acid suffers nearly the same change due to the addition of equivalent 
amounts of potassium chloride and sodium bromide. 

As yet, experimental data in this direction are not sufficiently exten¬ 
sive to warrant generalizing the conclusions drawn from the investiga¬ 
tions referred to above. 

6. Thermal Properties of Electrolytic Solutions. It is only recently 
that the tecimiciue of thermal measurements has been refined to a point 
where data obtained with electrolytic solutions are sufficiently precise 
to make an inter-comparison of the various thermal properties of such 
solutions generally possible. Even now, accurate data are available for 
only a limited number of systems, as a result of which but few general 

"CIiow, J. Am. Chem. Soc. J,2, 497 (1920). ^ 

liarpiC(|, J. Arw. Chcnf\,. Sqc. 1808 (1920) ; 37^ 24G0 (J915)t 
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conclusions may at the present time be reached relative to the manner 
in which the thermal quantities are dependent upon tlie various factors 
governing the condition of a solution. 

Water, itself, is ionized, and the energy of the ionization reaction 
corresponds very satisfactorily with the heats of neutralization of strong 
acids and bases. According to the Ionic Theory, the heats of neutraliza¬ 
tion of different strong acids and bases should be the same at low con¬ 
centrations, since the neutralization process under these conditions con¬ 
sists essentially in a combination of the hydrogen and hydroxyl ions to 
form water. The most reliable determination of the heats of neutraliza¬ 
tion was made by Wormann.^^ The mean value of the heat of neu¬ 
tralization for hydrochloric and nitric acids with sodium and potassium 
hydroxides at 18° was found to be approximately 13700 calories. The 
heat of ionization of water is related to the ionization constant of water 
by means of the equation: 


(97) 


^log^_ U 
dT ^ 


where U is the energy change accomptinying the ionization of one mol 
of water. Noyes and his associates have nnausured the ionization 
constant of water at a scries of temperatures u[) to 218°. The heat of 
ionization derived from their results is in good agiaaanent with the value 
found by Wormann for the heat of neutralization. Thus at 18° Noyes 
finds that the value 14055 is in agreement with his experimental values. 
Direct determinations of the heat of neutralization of strong acuds and 
bases at higher temperatures do not a})i)ear to (‘xist, so that a (‘oinpari- 
son in these regions cannot be made. At. Iiigli(‘r Iempm-aiur(‘s tlu^ ioniza¬ 
tion constant of water pavsses through a maximum, as a eonsecpuaice of 
which it follows that the heat of ionization (‘hangi^s sign. 

Equation 97 is likewise applicable to the ionization proc(‘ss of elec¬ 
trolytes in water. If the ionization values an* known at. difiVniit t(‘m- 
peratures, the energy change accompanying tlu‘ ionization process may 
be calculated, assuming that the energy chang(‘ a('com|)anying the process 
remains constant. The equation holds tnu‘ vvvn though th(‘ conditions 
for dilute systems are not fulfilled, j)rovided th(‘ con(‘entrations enter¬ 
ing in the equation represent the real conc(‘nt rat ions of th(‘ molecular 
species in question. Tiiermal data of siiffiei(‘nt precision are not avail¬ 
able to make it possible to determine to what (‘xtemt t he results of con¬ 
ductance measurements at different temperature's are in agreement with 
thermal data. In a general way, howe\'er, the results appear to be in 
agreement. In the case of the weak acids and bases, the order oi 

Wormann, Ann. D. Fhys. 18, 775 (1005). 

Carnegie Publications, No. 03 (1907). 
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magnitude of the energy effects, as derived from conductance-temperature 
measurements, agrees with those derived from the heats of dilution of 
solutions of weak electrolytes. The ionization constants of acetic acid 
and ammonia, for example, have maxima in the neighborhood of ordi¬ 
nary temperatures, indicating that the energy change accompanying the 
ionization process is zero; correspondingly, the heats of dilution of 
solutions of. these substances have small, although uncertain, values. In 
general, weak electrolytes have a greater heat of dilution than strong 
electrolytes and, correspondingly, their ionization changes more largely 
with temperature. 

The heats of dilution of strong electrolytes unquestionably have 
very small values. Correspondingly, the ionization of strong electrolytes 
at ordinary temperatures changes but little with temperature.. The 
ionization of certain salts, such as magnesium sulphate, decreases 
markedly at higher temperatures; and it is to be expected that solutions 
of these salts will exhibit an appreciable heat of dilution even at rela¬ 
tively low concentrations. Experimental determinations of these quan¬ 
tities, however, are lacking. In view of the uncertainty of the thermal 
data, it cannot be stated that the commonly accepted ionic theory leads 
to results which are in contradiction wifh the thermal properties of 
electrolytic solutions. 

Recently, careful determinations of the heats of dilution of a number 
of electrolytes have been made by a number of investigators. Accord¬ 
ing to Randall and Bisson,'"’ the heat of dilution of sodium chloride from 
0.28 N to zero concentration amounts to only two calories. At higher 
concentrations the heat of dilution, although small, is quite marked. 
The heats of dilution of a number of salts, as well as of mixtures of 
salts, have been determined by Steam and Smith,^® and Smith, Steam 
and Schneider.-*^ The heats of dilution for sodium and potassium 
chlorides wore found to be very nearly the same, although varying 
slightly at high concentrations. At low concentrations, the heat of dilu¬ 
tion, in all cases, approaches a value of zero, as might be expected. The 
heats of dilution are not in all cases of the same sign, since that of 
strontium chloride is opposite in sign from that of sodium and potassium 
chlorides. Tlio hetits of dilution for mixtures of two electrolytes in 
general differs markedly from tlic mean heat of dilution of the con¬ 
stituents. Steam and Smith suggest that this result may be due to the 
fact that complex compounds, whose formation presumably would be 
accompanied by an energy change, are formed in mixtures of salts. For 
sodium and potassium chlorides the heat of dilution is negative, which 

«« Randall and Bisaon, J. Am. Chem. Soc. J,2, 347 (1920). 

St('arn and Smith, J. Am. Chem. Soc. 42, 18 (1920), 

87 Smith, Steam and Schneider, ibid., 32 (1920). .. 
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corresponds to an increase in the ionization of these electrolytes with the 
temperature.. This is not in agreement with the observed results of 
conductance measurements. It is possible, howc\'cr, that the energy 
change measured on the dilution of a solution includes effects other than 
those due to change in the ionization of the electrolyte. Certainly, at 
the higher concentrations, it is to be expected tluit a change in the 
hydration of the ions, and possibly of the neutral molecules, takes place, 
and the energy change accompanying these processes may obscure the 
energy change due to the ionization process. 

It appears, thus, that a knowledge of the thermal properties of elec¬ 
trolytic solutions has a very direct bearing on our interpretation of the 
phenomena observed in electrolytic solutions. In order to analyze the 
more or less complex processes into their constituent effects, however, 
further experimental data are required. 

In this connection, it should also be noted that a number of investi¬ 
gators,^® from a study of the temperature coefficient of the electromotive 
force of concentration cells, have obtained values for the energy changes 
accompanying the transfer of electrolytes from solutions of one concen¬ 
tration to another, Harned has also determined the energy changes 
accompanying the transfer of hydrochloric acid from a solution con¬ 
taining a mixture of salt and acid to one containing acid alone. Hydro¬ 
chloric acid and chlorides were employed in these mixtures. 

In the following table are given values of the energy change accom¬ 
panying the transfer of one mol of ele(‘trc)lytc from the coiuaintration 
given to a concentration of 0.1 N, according to Hllis and Harned. 

TABLE CXXVI. 

Energy Change, in Joules, Accompanying the Tkansfer of One 
Mol op Electrolyte from a CoNCKN'rKA'rioN C to a Con¬ 
centration 0.1 N at 25 


c 

KCl 

NaCl 

IICI 

0.1000 

000 

000 

000 

0.3000 

— 355 

— 300 

420 

0.5000 

— 650 

— 570 

820 

1.000 

— 1310 

—119() 

1820 

1.500 

— 1900 

—1780 

2770 

2.000 

— 2375 

— 2300 

3720 

2.500 

— 2810 

— 2690 

•1740 

3.000 

— 3175 

— 3010 

5710 


As may be seen from the table, tlie energy changes accoin])an3dng the 
transfer of sodium and potassium chlorides differ but little. The sign of 

**Ems, Am. Chem. Soc. S8, 737 (191G) ; llarnea, ibid., 42 , 1808 (1920). 
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the energy change in the case of hydrochloric acid is opposite from that 
of sodium and potassium chlorides. 

Harned has also determined the energy changes accompanying the 
transfer of hydrochloric acid from solutions containing hydrochloric acid 
of concentration 0.1 N, together with an added salt having a common 
chloride ion at varying concentrations, C, to a solution of pure hydro¬ 
chloric acid at a concentration of 0.1 N. The results are given in the 
following table. 

TABLE CXXVII. 

Energy Change Accompanying the Transfer op Two Mols of HCl from Solutions 
OF 0.1 N HCl + CN MCI TO a Solution of 0.1 N HCl at 25°. 


KCl 

C . 0.2018 0.5086 1.0346 2.134 3.309 

AH . 6 37 149 1371 2807 

NaCl 

C . 0.1003 0.2014 0.5061 0.9183 1.023 1.871 2.094 2.711 3.202 3.726 

AH . —44 .142 273 569 755 2373 2381 3595 4647 5942 

LiCl 

C . 0.8485 1.7267 2.636 3.574 4.556 

AH . 1407 4128 6527 9200 11610 


It will be observed that the energy change is greatest for LiCl and 
least for KCl. Apparently, the energy change is greatest for those salts 
which exhibit the greatest tendency to form hydrates. These energy 
changes persist below 0.1 N. This is apparently also the case in solu¬ 
tions of the pure electrolytes.^^ 

7. Change of the Transference Numbers at Low Concentrations. 
The transference numbers of an electrolyte are determined by the rela¬ 
tive speed of its ions. Any influence, therefore, which tends to alter the 
relative speed of the ions obviously tends to alter the transference num¬ 
bers of the electrolyte. The speed of the ions is a function of the vis¬ 
cosity of the solution and, for a given change of viscosity, the change in 
tlie sp('ed of an ion depends upon the nature of the ion. This, for 
examf)le, is evident from the effect of temperature on the ionic conduc¬ 
tances, wliere, as we have seen, the temperature effect is the smaller the 
gr('at(‘r the (‘ondiK'tancc of the ion. At higher concentrations, therefore, 
where the viscosity effect is appreciable, a change in the value of the 
transference numbers is not uncxpected.^^^ At low concentrations, how¬ 
ever, we should expect the transference numbers to be constant. 

This condition is apparently not fulfilled in solutions of strong acids 
and bases. For example, the anion transference number of hydrochloric 

»»Comparo Ullis, loc. rit. ^ 

It has boon foiiiHl that the* tnuisforence number of lithium chloride is not altered 
on the addition of raffinose (Millard, Thesis, Univ. of Ill. (1914)). Reference to Table 
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acid in water at 18° varies from 0.168 at 0.005 N to 0.165 at 0.1 N." 
In a sense, this does not appear to be a great change in the value of the 
transference number. Nevertheless, it is in excess of what might be 
expected from the viscosity effect in these solutions. Furthermore, the 
conductance of the chloride ion as calculated from the transference 
number and the degree of ionization docs not correspond with the value 
of the conductance of the chloride ion at infinite dilution in solutions of 
potassium chloride. Assuming for the transference number of the 
chloride ion in hydrochloric acid the value 0.167 and for the ionization 
the value 0.972 and for the conductance the value 369.3 at 0.01 N and 
18°, we obtain, for the conductance of the chloride ion, the value 

369.3 X. 167 „„ „„ ■ c n 

Aqj=Ajjq 2 X—== -gy2-= 62.68. At infinite dilution the con- 

ductance of the chloride ion has a value of 65.5. It appears, then, 
that up to a concentration of 0.01 N the conductance of the chloride ion 
has fallen from a value of 65.5 to a value of 62.68. This value is obvi¬ 
ously subject to a correction, since, in calculating the value of y by the 

ratio-^, it has been tacitly assumed that the speed of the ions remains 

constant. 

Noyes called attention to this dism‘pnn(‘y which exists in the case 
of the'Strong acids. Lewis showed that the ionization of different 
chlorides as calculated from the (^^([^‘tunee of the chloride ion at a 
given concentration is the same for all chloridchs. Macintuhs has inves¬ 
tigated the conductance of various ions at liiglua’ conctmtrations in some 
detail. The conductance of an ion at a givcai caincentration is ol)taincd 
by multiplying the conductance of the t‘hM*troIyte I)y the transference 
number of the ion in question at that concentration. In the (aise of the 
chlorides, he obtained the following n‘siil(s: 


Xiail will show that; th(‘ <M»iHhn-tJinco of lilhimn. <*aosnini and pntaNviuiM chloridos is 
affected to alniost tin* hjuih' (‘Xlml on the nchlltloii of ndlino.ve, I0vi<len(I.v, tin* vlHcosity 
chaiiffc* due to raniiios(‘ alVt'cts Hu* Li*, (’s' and K» ions t<i the saiur i>\(eiit. I''roni (he 
same; table, it is evident that the eondiietaina* of {Kdassium eldoride and lithium ehlorhhi 
ia altered to very nearly th<‘ same e.xleni, <'ven on (In* addition (d' some non <*lee|r<dvte of 
r(dativ('ly low moleeiilar wei^rht. In methyl al<*oh«d. howev'-r, the e\iHifienl p is markedly 
lar^ia* for Li(’l than for (\s('l. In the in(‘s<-nee (d’ this u<in eleel r<dyte. (lu* itdlmmee of 
viscosity on ion eonduetanee <Iei»ends upon the na(ur<* <d' thf‘ ion. ('(U-respoiuliuKly. Mil¬ 
lard {loc. cit.) found that the transferenee number of the lithium iou In lithium chloride 
solution is d(‘crens(Ml from to d.MdT on (Ik* addition of <). t nod of methyl alcohol 

per 1000 g. of wat(*r. Th<‘ viscosity <*ffeet dm* (<» the (>leelr(dy((‘ it.self has an' intlm‘nce 
on the conductance of an ion which <lllT<'rs markedly from that due to a non e!(‘(*trolvt(‘ 
of large molecular weight. In considering tin* iullm'mn* <d’ viscosity <in tin* Kpe(*<l of‘an 
ion, the nature of the i)nrticles to wliieli the vis<’o.sity elmngn is ‘due mmst not he lost 
sight of. 

Noyes and Kato, J. Am. (7/ cm. So<-. :W, it IS (lOOS). 

Noyes and Saminet, J. A711. Chrm. Sac. j.',, Obi tlliuLM ; ibid., 25. 10.1 {1001) • Ztaclir 
f. phj/s. Chem. Jp{, 40 (1001) ; Noyes and Kato, ibid., t;,3, 420 (Uoosk . ■ . 

Lewis, J. Am. (J/icm. Sor. A',. 1011 tlOlli. 

Macinnes, J. Am. Chem. lAov.. lOSO (1010) ; ibid., 1217 (1021). 
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TABLE CXXVIII. 

Conductance of the Chloeide Ion at 18° as Derived peom the Con¬ 
ductance AND THE Transference Numbers of Different 
Electrolytes at 0.01 N and 18°. 


HCl .. 369.3 1.0005 0.167 61.67 

CsCl . 125.07 0.9997 0.495 61.89 

KCl . 122.37 0.9996 0.504 61.68 

NaCl. 101.88 1.0009 0:604 61.55 

LiCl . 91.97 1.0016 0.668 61.48 


Here Tq^ is the transference number of the chloride ion and 

is the conductance of the chloride ion corrected for viscosity. From an 
inspection of this table, it is evident that the conductance of the chloride 
ion, as derived from the transference numbers and conductances of dif¬ 
ferent chlorides, is the same. The ion conductances given in the last 
column have been corrected for the viscosity according to Equation 41, 
assuming for the exponent p the value 0.7. This viscosity correction is 
uncertain, but in view of the fact that the viscosity effect in all these 
solutions is scarcely in excess of 0.1 per cent it is evident that the vis¬ 
cosity correction can have only a minor influence. While the conduc¬ 
tance of the chloride ion in the different chlorides is very nearly the 
same, it docs not appear to be identical. In lithium chloride, for ex¬ 
ample, the conductance is approximately 0.7 per cent lower than it is 
in caesium chloride, and from caesium chloride to lithium chloride the 
conductances vary in the order: caesium, potassium, sodium, lithium. 
If the differences were purely accidental, we should not expect any such 
regularity in the order of the conductance values. Macinnes has also 
made a similar c.omparison at higher concentrations lip to and including 
1.0 N. Throughout he obtains excellent agreement among the conduc¬ 
tance values of the chloride ion in different chlorides. It should be 
noted, however, that, at the higher concentrations, the viscosity effects 
are considerable, and the ion conductances in consequence are propor¬ 
tionately in doubt. 

Macinnes is inclined to believe that it is generally true that at a 
given concentration the conductance due to a given ion is independent 
of the nature of other ions present in the solution. This generalization, 
however, docs not appear to be wholly justified. For example, assuming 
the transfereruic values given by Noyes and Falk, we obtain for the 
conductance of the nitrate ion at 0.2 N in solutions of KNO3, AgNOg 
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and HNO 3 the values 57.28, 65.60 and 56.40 respectively. There is, 
however, a considerable degree of uncertainty attached to these calcu¬ 
lations owing to uncertainties in the values of the transference numbers. 
The errors with which transference measurements are affected are rela¬ 
tively large and it is possible that consistent errors are present, in which 
case the probable error of the determination cannot be estimated from 
the consistency of a given series of measurements. In many respects, it 
would appear that transference measurements by the moving boundary 
method should be more nearly comparable than those by other methods. 
In Table CXXIX are given values of the ion conductance of the 

Aj^+ 

potassium ion and of —^ for the same ion for different potassium 

salts at concentrations of 0.02 N and 0.1 N. The ionization and con¬ 
ductance values are taken from Noyes and Falk and the transference 
values from Dennison and Steele.^^ The numbers in the next to the last 
column are the ion conductances, which should have the same value if 
the conductance of a given ion at a given concentration were independent 
of the nature of the other ion with which it is combined. In the last 

column are given the values of -which, if the transference num- 

T 

ber is independent of concentration and the ionization is measured by 
the ratio should correspond with the conductance of the potassium 
ion at infinite dilution. 

TABLE CXXIX. 


Values of Aj^+ 

AND OP 

- - FOR Different 
Y 

1\>TASSIUM 

Salts. 



At 0.02 N. 

Y 


AK^ 

Ar* 

Y 

KCl . 

0.493 

0.922 

1.19.9 

59.13 

64.14 

KNO 3 . 

0.502 

0.911 

115.0 

57.78 

63.44 

KBr . 

0.482 

0.921 

121.7 

58.68 

63.72 

KCIO., . 

0.534 

0.910 

108.8 

58.12 

63.88 

KBr 03 . 

0.567 

0.910 

102.0 

57.84 

63.58 

KI . 

0.487 

0.922 

120.9 

58.90 

63.90 




Mean 58.41 
A.D. 0.50 

M(!an 63.78 
A.D. 0.20 


** Dennison and Steele, Phil. Trans. A, 203, 402 (lOOG). 
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TABLE CXXlX.—Ccmtinued 
At 0.1 N. 

^0 yu ^ 


KCl . 130.0 0.861 111.97 55.10 64.04 

KNO, . 126.3 0.829 104.71 52.60 63.50 

KBr . 132.2 0.863 114.14 54.92 63.64 

KCIO 3 . 119.6 0.829 99.14 53.17 64.14 

KBr03 . 112.1 0.829 93.0 52.98 63.93 

KI . 131.1 0.870 113.98 55.40 63.68 


Mean 54.03 Mean 63.82 
A.D. 1.11 A.D. 0.21 


It will be observed that at 0.02 N the value of Aj^+ varies from 57.78 

to 59.13 with a mean deviation of 0.50, while - varies from 63.44 

Y 

to 64.14 with a mean deviation of 0 . 20 . At a concentration of 0.1 N 
the value of Aj^+ varies from 52.60 to 55.40 with a mean deviation of 

1.11, while the value of - varies from 63.50 to 64.14 with a mean 

7 

deviation of 0 . 21 . It is evident that the conductance of the potassium 

ion in different salts is not the same, while the ratio - is substan- 

Y 

tially the same.'^‘''' These results, therefore, do not bear out the conclu¬ 
sion tliat the conductance of an ion is independent of the other ion with 
whicli it is combined. Leaving aside for the moment the strong acids 
and bases, it appears that conductance and transference measurements 
agree with the assumption that the conductance of a given ion varies 
with tlie nature of its co-ion and that the difference in the conduction 
of a given ion is proportional to the ionization of its salt. The reason 
why tlie conductance of tlie chloride ion is found the same for different 
electrolytes is due to the fact that the ionization of these electrolytes is 
the same at the same concentration. If corrected values of the con- 
ductanc.c arc employed, the ionization of sodium, potassium, and lithium 
chlorides, as determined from conductance measurements, is substan¬ 
tially the same up to 1.0 N. Up to a concentration where the viscosity 
effects begin to become appreciable there is no certain evidence indicat¬ 
ing that the relative speeds of the ions undergo change. In the case of 

'“'’This coriclusion was reached by Dennison and Steele {Phil. Trans. A 205, 462 
(1906)). 
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the strong acids and bases, however, the experimental data indicate that 
the speed of one of the ions, at least, undergoes a marked change at 
concentrations below 10"-N. The nature of the process to which this 
change is due remains uncertain. 

8 . Reactions in Electrolytic Solutions. Electrolytic solutions, in 
water at least, are characterized by the speed with which they take place, 
as well as by their reversibility. This property of electrolytic solutions 
has been cited in support of the ionic theory; and, indeed, the reactions 
among electrolytes clearly indicate some common condition as a result 
of which they take place with great facility and, as a rule, with the 
accompaniment of a comparatively small energy change. It is only in 
a few other systems that reactions similarly take place with great speed, 
and many of these are irreversible. Reactions in fused salts and in the 
metals, however, resemble those in electrolytic solutions in many re¬ 
spects. There is little question but that reactions in fused salts are ionic 
in character. While available data are extremely meager in the case 
of the metals, there is evidence which indicates that here, too, reactions 
may be ionic. 

In a few instances, in water as well as in some other solvents, solu¬ 
tions of electrolytes do not reach equilibrium at once when an elec¬ 
trolyte is dissolved. In those cases whicdi hav(‘ Ix'tai studied in detail, 
it has been shown that intermediate reactions occur whi(‘h greatly influ¬ 
ence the properties of the solution; so, for examph\, caadain of the metal- 
ammonia salts, when first dissolved in watca', yiidd solutions which are 
very poor conductors of the (‘urrent, hut which, on standing, show a 
marked increase in conductance. Ihaas un(iu(‘sti(>nahly, the gradual 
increase of the conductance is due to a reaidion as a r(‘sult of whic.h the 
metal-ammonia complex is affected. Tlu^ original conqihax is not capable 
of ionization, while the resulting product is ionized. Thcsi^ particular 
reactions arc accounted for by W(‘rn(‘rts th(M)ry. Asid(‘ from a few cases 
of this type, solutions of eI(‘ctrolyt(‘s reach a condition of (‘({uilibrium 
as soon as the process of solution is com[)I(‘<ed. 

It will be unnecessary, here, to discuss react ions in a(|U(‘ous solutions 
since these are familiar to eveiyone who has studii'd tlu^ ehunents of 
chemistry. Since solutions in non-a(|ii(.‘ous solvents an* ionizc^d, w(‘ may 
expect that similar reactions take place in solutions in th(‘se solvents. 
The nature of the reactions will, of cours(‘, (k^ptaid upon tlui nature of 
the solvent as well as upon that of the dissolved electrolyt(;s. 

The multiplicity of electrolytic^ reactions in aciueoiis schvemts is in 
part due to the electrolytic pro])erties of watca- itself. As we have seen, 
water is ionized to a slight extent into h^alrogcai and the hydroxyl ions. 
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When one or more electrolytes are dissolved in water, the resulting reac¬ 
tion is influenced by the presence of these ions due to the solvent. We 
should expect similar reactions in the case of all solvents capable of 
ionization. This includes, in the first place, solvents containing hydro¬ 
gen, such as the liquid halogen acids, ammonia, hydrocyanic acid, formic 
acid, acetic acid, the alcohols, the amines, etc. In all these cases, it is 
to be anticipated that the solvent will furnish a positive hydrogen ion 
and a negative ion corresponding to the constitution of the solvent. The 
hydrogen or acid ion of substances dissolved in solvents which them¬ 
selves yield a hydrogen ion will exhibit acid properties. The negative 
ion, correspondingly, may be considered as a basic ion and salts of this 
ion will act as bases when dissolved in a solvent yielding the same ion. 
So, in the case of the alcohols, the acids exhibit acidic properties, while 
the alcoholates exhibit basic properties. Similarly, in ammonia, the 
ammonium salts exhibit acidic properties, while the basic amides exhibit 
basic properties. On the other hand, a base typical of water, such as 
tetramcthylammonium hydroxide, would properly be classed as a salt 
when dissolved in ammonia. However, many of the characteristic prop¬ 
erties of acids and bases are not entirely dependent upon the presence 
of a positive or a negative ion in common with the solvent. For example, 
any salt of a strong base and a weak acid will exhibit properties charac¬ 
teristic of a base wlicn in solution. Thus, tetramethylammonium hydrox¬ 
ide in ammonia cxliibits basic properties, very similar to those of potas¬ 
sium amide, the reason for which lies in the fact that the resulting acid 
formed by the hydrolysis, or arnmonolysis, of this salt in ammonia is a 
very weak acid water, which, as we know, is only very slightly ionized 
in liquid ammonia. Correspondingly, a cyanide dissolved in water 
exhibits basi(‘, properties for the reason that hydrocyanic acid is only 
slightly ionized in water. Strictly speaking, an acid has a positive ion 
and a l)ase a negative ion in common with the solvent; nevertheless, 
salts of strong ac.ids and very weak bases and salts of strong bases and 
very weak acids exliibit certain acidic and basic properties in solution. 

We liavc seen that the OH" ion is a characteristic basic ion only in 
aqueous solution and that in other solvents other ions function as basic 
ions. So, also, any positive ion common to a solvent will in that solvent 
exliibit many of the properties of an acid ion. For example, iron intro¬ 
duced into an aciueous solution of an acid yields a salt and hydrogen. 
Similarly, iron introduced into molten lead salt yields a corresponding 
salt of iron and metallic lead. Excepting for the fact that in the first 
case hydrogen is a gas and in the second case lead is a liquid metal, 
there is no essential distinction in the nature of the reaction in the two 
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cases. The number of examples of this type miglit be greatly multiplied. 

Liquid ammonia is the only non-aqueous solvent in which electrolytic 
reactions have been extensively studied so that this discussion must be 
largely confined to solutions in this solvent. The study of reactions in 
ammonia have led to a considerable extension of our notions respecting 
electrolytic reactions in general, and have greatly advanced our knowl¬ 
edge regarding the nature of various nitrogen compounds. Solutions in 
ammonia exhibit properties similar to those of solutions in water, be¬ 
cause of the similarity of constitution of the two solvents. In water we 
have the ionization reaction: 

H ,0 =. + OH- 

and in ammonia the corresponding reaction: 

NH3 = rr + NiLL 

The negative ions in ammonia and water differ, but exhibit many points 
of similarity. The positive ions in the two solvents arc the same and 
exhibit a similar beliavior. In ammonia solutions, however, the hydrogen 
ion appears to be identical with the ammonium ion, whereas in aciueous 
solution the hydrogen ion is in all likcliliood a- comph'X between hydro¬ 
gen and water, so that tlie two ions arc not ideni icail. The same is doul)t- 
less true of most ions. In their essential beha^'i()^, however, the hydrogen 
ions in ammonia do not differ materially from ihc hydrogen ions in 
water. One of the characteristic properties of (lu^ liydrogen ions is its 
tendency to react with metals to form a salt and hydrogen. In watca*, 
for example, wc have the reaction: 

Mg + 2HC1 = MgCl, -1- IL. 

So, in ammonia wc have the reaction: 

Mg + 2NIT,C1 rzr MgCk + IL H- 2N] 1,. 

In this last reaction, the ammonia resulting from the reaction is identical 
with the solvent molecules and therefore may he omitt(‘d from the reac¬ 
tion equations. In aqueous solutions of tlui acids this is always done, 
for it is less evident that water is concenual in the rc'ach.ion. In am¬ 
monia, the acids react with bases to form salts and watca*, corresponding 
to the reactions in aqueous solutions; thus: 

(CH3),N0H + HCl (CH,),NC1 H,0 in water, 

and (CH 3 ) 4 N 0 H -j- NH^Cl == ( 0113 ) 4^01 4 - T Ikf ) in ainmonia. 
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In aqueous solutions, with a few exceptions, the acids are substances 
in which the hydrogen is joined to an electronegative group through an 
oxygen atom. For example, in the case of acetic acid we have 
CH 3 C 00 “-H'^. Such acids are .known as hydroxy-acids, or perhaps 
better aquo-acids, as Franklin has suggested. Similarly, in the case of 
ammonia, substances in which the hydrogen atoms are connected to an 
electronegative group through the intermediary of a nitrogen atom are 
acids. This is a class of substances commonly known as the acid amides 
or imides. Thus, we have, corresponding to acetic acid CH 3 COOH, 
acetamide CH 3 CONH 2 . Acetamide is therefore an acid related to am¬ 
monia as acetic acid is to water, and, according to Franklin, may be 
called an ammono-acid.^® In view of the fact that nitrogen is tri-valent, 
the acid amides are dibasic acids in contrast with the corresponding aquo- 
acids which are mono-basic. As we have seen in an earlier chapter, the 
acid amides are soluble in ammonia and many of them are excellent con¬ 
ductors of the electric current. It has been shown that the acid amides 
and imides in ammonia possess characteristic acidic properties; that is, 
they react with the metals to form salts and hydrogen and with bases 
to form salts and ammonia. Thus we have: 

Mg + CH3CONH2 = CH3CONMg -f- H2, 

a reaction similar to that obtained with acetic acid in water. The acid 
amides likewise react with bases in ammonia to form salts and water; 
for example, 

CH3CONH2 + (CH3),N0H = CH3C0NH(CH3),N + H2O. 

Acid amides in ammonia solution are weaker acids than the correspond¬ 
ing oxy-acids arc in aqueous solutions, but this is to be expected, since 
the dielectric constant of ammonia is much lower than that of water and 
the ionization of all electrolytes is lower in ammonia than in water. 
However, as may be seen from the conductance values for the acid amides 
in ammonia solution as given in an earlier chapter, the ionization of 
certain of these acids in ammonia is as great as that of typical salts in 
this solvent. Relatively, therefore, the acid amides are as strong in 
ammonia as ordinary acids are in water. It is interesting to point out, 
in this connection, that, while the acid amides throughout exhibit acidic 
properties in ammonia solution, it is only in exceptional cases that they 
exhibit marked acidic properties in water. The reason for this is not 
well understood, but it seems probable that, when the acid amides are 

-«r^-anklin, Am. Chem. J. p, 285 (1912). See also numerous other articles by the 
same author in the Am. Chem. J. and J. Am. Chem. Soc. 
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dissolved in water, the basic properties of the nitrogen come into plaj 
and that compounds of a basic nature are formed similar to ammoniurr 
hydroxide, which, however, are ionized only to an exceedingly small ex¬ 
tent, in view of the electronegative chariicter of tlic rest of the molecule. 

As has already been pointed out, the basic amides, as for examph 
potassium and sodium amides, are electrolytes in ammonia solution and 
from their constitutional relation to ammonia, it is to be expected thal 
solutions of these substances will exhibit basic properties in liquid am* 
monia. This is, indeed, the case. Potassium amide, dissolved in liquid 
ammonia, exhibits all tlie properties chara(‘.teristic of bases. For ex¬ 
ample, it reacts witli acids to form salts and ammonia; thus: 

CH,COOH + KNIL = (TI,C()()K + NH,. 

According to Franklin, bases of this ty\K\ ar(‘ call(‘d ammono-bases. 
Obviously, ail basic amides belong to this class of substances. 

The ammono-bases react not only with aciuo-acdds but also with 
ammono-acids.'^^ Thus, an aimnono-a(‘id r(‘a(‘ts with an ammono-base 
to form an acid ammono-salt and ammonia, according to the equation: 

CH,C()NH, + KNH, = (TI,(H)NnK + NH,. 

It is interesting to note that the (‘olor reactions (‘hara(‘t(‘ristic of indi¬ 
cators are likewise found reproduc(‘d in ammonia solutions.'^” Some 
indicators exhibit a remarkably sharp vnd })oint; as, for (‘xample, saf- 
franinc. The nature of the indicator naictions have* not, as yet, been 
studied in detail. 

In ac|ueous solutions, salts of w(‘ak aidds and basics i\n\ hydrolyzed 
owing to interaction l)etw(‘en th(‘ ions of tlu^ solvmit with those of the 
dissolved salt. vSo, also, in ammonia solutions, the salts of very weak 
acids and bas(‘s are ammonolyz(‘d; that is, thi‘ salt r(‘a(‘ts with the sol¬ 
vent to form an acid and a bas(‘. rnfortunat(‘ly, the extent to which 
ammonia is ionized into IT and NII.y ions is not known. In all likeli¬ 
hood, however, the concentration of these* ions is extn*m(‘ly low, since 
the alkali metals tire solubh* in licjuid ammoniti and r(‘m;iin in solution 
for extended periods of time wilh oidy :i slight retiction, ti(‘cording to 
the equation: 

NIi,+ Nti^-^NtiN]l,-d^i]I,. 

If the concentnition of tin* hydrogen ions w(‘r(‘ consid(‘rtible, this r(‘tiction 
should take place with gri‘at rtipidity just as tin* corn‘s])onding retiction 
takes place in wtiter. That hydrolysis (or timmonolysisj tictutilly ttikes 

^M^^rankliu and Stuirord, .t m. r7/rm. J. :is, S.'t ( lixuii. 

^“Franklin and Kraus, Am. ('hvm. J, J.{, '111 (11)00). 
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place, however, has been definitely shown. As a consequence of the 
very low concentration of the and NH 2 - ions in ammonia, it is only 
in the case of salts of extremely weak acids or bases that hydrolysis has 
been observed. For example, when mercuric chloride is dissolved in 
ammonia the following reaction occurs: 

HgCl^ + NH 2 - + NH 3 HgNH^Cl + NH,C1. 

In this case, the compound HgNH^Cl is insoluble and is precipitated. 
Obviously, this precipitation proceeds until the concentration of NH 4 CI 
is sufficiently great to bring the reaction to equilibrium. The addition 
of an ammonium salt, which raises the concentration of the (hydro¬ 
gen) ions, reverses the reaction, causing the precipitate to go into solu¬ 
tion; while, on the other hand, the addition of an ammono-base, KNHg, 
for example, results in an increased precipitation. In most instances, 
however, salts dissolve in ammonia without appreciable ammonolysis. 
This is indicated by the fact that in many cases the resulting base or 
basic salt is practically insoluble and even a small degree of ammonolysis 
would result in the formation of a precipitate. Since in the great ma¬ 
jority of cases the salts yield clear solutions, it is obvious that am¬ 
monolysis does not occur to an appreciable extent. 

A considerable number of reactions have been studied in solvents of 
very low dielectric constants such as benzene, toluene, etc. Reactions 
in these solvents often take place readily and even instantaneously. As 
a rule the salts dissolved are heavy metal salts of the higher organic 
acids such as the oleates, stearates, etc. It has been claimed that solu¬ 
tions of these salts arc non-conductors, but the work of Cady and 
Lichtenwalter indicates that, while the order of conductance of solutions 
of salts of organic acids in benzene is low compared with that of ordi¬ 
nary solutions of electrolytes, nevertheless, benzene solutions conduct 
far more readily than does the pure solvent. In the case of a metathetic 
reaction with hydrochloric acid, the conductance was found to rise largely 
before precipitation, due, presumably, to the relatively greater con¬ 
ductance of the more concentrated supersaturated solution. That solu¬ 
tions of salts in such solvents as benzene are sufficiently ionized to exert 
a marked influence on the conductance is not to be doubted. 

Metathetic reactions take place readily in solutions in solvents of 
low dielectric constants such as benzene, but, apparently, these reactions 
are not always instantaneous.^® This result may in part be due to the 

Kahl(‘iil)orK, J. Phtfs. Chc.ni. G, t (1902); Sainmis, ilnd., 10, 593 (1906); Gates, 
ihUl., to, 97 (1911) ; Cady and Lidi ton waiter, J. Am. Chem. Soc. 35, 1434 (1913) ; Cady 
and Baldwin, ibid., /,3, (HO (1921). 

Cady and Lichtenwalter, loc. cit. 
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formation of supersaturated solutions. Reactions between silver per¬ 
chlorate and hydrochloric acid, mercuric chloride and trimethyltii] 
chloride take place instantaneously in benzene.®^ Small amounts oi 
water greatly influence the conductance of solutions of this type. 

While these results are in good agreement with the ionic hypothesis, 
it cannot be said that reactions cannot take place between the un¬ 
ionized molecules. For example, methyl iodide precipitates silver iodide 
in solutions of silver perchlorate in benzene. If reactions of this type 
are ionic, we must modify, somewhat, our notions relative to the nature 
of organic compounds. Yet not a few facts are in excellent agreement 
with such a view. 

Reactions of the electrolytic type, in which one metal is substituted 
by another more electropositive metal, have also been studied in sol¬ 
vents of low dielectric constants.^- Such reactions often take place 
readily. It appears not unlikely that they arc in fact electrolytic. The 
properties of solutions of substances of the electrolytic type in solvents 
of low dielectric constant have received all too little attention. The 
data so far are too fragmentary to warrant drawing conclusions of a 
general nature, but it is not to be doubted that the study of such systems 
will lead to important results. Electrolytic phenomena are not confined 
to solvents of high dielectric constant. Evidence is constantly accumu¬ 
lating which supports the view that all fluid media possess, in some 
degree, the power of forming electrolytic solutions under suitable con¬ 
ditions. 

9 . Factors Influencing Ionization, a. The Ionizing Power of Sol¬ 
vents in Relation to Their Constitution. Since, as we have seen, the 
ionizing power of a solvent is largely determined l)y its dicdectrici con¬ 
stant, it follows that, in seeking to determine possible^ rt'lations Ix'iweta 
the constitution of a substance and its ionizing power, we. should sech 
for relations between the dielectric constant and the (‘onstitution of the 
substance in question. Water, hydrocyanic iicid and formnmide have 
the highest dielectric constants of substances so far investigat(‘d. 

The nature of the relation between the diek'ctric constant and the 
constitution of liquid media is not clear. Therci is, howeveu', an obvious 
relation between the dielectric constant of the hydrogeai derivative's oi 
the elements and their position in the periodic syste'm. The hydrogcr 
derivatives of the first members of the various groups invariably e'xhibil 
a dielectric constant much greater tluin that of the following members 
Similarly, the dielectric constant of the hydreigen dc'rivat ives of (‘le'inenb 

Observations by Messrs. Callis and Oreor in the Author’s Laboratory. 

Gates, loo. cit. 
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in a given series increases with the order of the group. Thus, water 
has a dielectric constant of approximately 80 and is an excellent ioniz¬ 
ing agent, while hydrogen sulphide has a dielectric constant of 10 and 
is a relatively poor ionizing agent. Ammonia at its boiling point has 
a dielectric constant of 22 and is a moderately good ionizing agent. In 
the seventh group, hydriodic acid has a dielectric constant of 2.9, hydro- 
bromic acid of 6.3, and hydrochloric acid of 9.5. As we approach the 
derivatives of the upper members of this group, their dielectric constant 
and their ionizing power increase. The dielectric constant of hydrogen 
fluoride is not known but it is known to be an excellent ionizing agent. 
Moissan, for example, prepared fluorine by the electrolysis of fluorides 
in liquid hydrogen fluoride. It seems not improbable that the dielectric 
constant of hydrofluoric acid is greater than that of water. At any rate, 
in passing from ammonia to water, the dielectric constant increases from 
22 to 80, and it is, therefore, not improbable that the dielectric constant 
of hydrogen fluoride is higher than that of water. The dielectric con¬ 
stant of many organic and inorganic substances containing oxygen, nitro¬ 
gen, chlorine and sulphur is relatively high. Such substances in the 
liquid state possess the power of dissolving salts and of forming conduct¬ 
ing solutions with them. It is unnecessary to give here a detailed list of 
these substances. 

With increasing temperature, the dielectric constant of all substances 
decreases. The dielectric constants of a number of substances have been 
measured through the critical point.®^ These include sulphur dioxide, 
ether, cthylchloride, and hydrogen sulphide. For these substances the 
dielectric constant just beyond the critical point is 2.1, 1.52, 4.68 and 2.7 
respectively. A striking result, here, is the relatively high value of the 
dickictric constant of ethylchloride at the critical point relative to its 
value at lower temperatures. Thus at 59° its value is 6.29, which de¬ 
creases to the value given above at 186°. Evidently the variation of 
the dielectric constant with the temperature depends largely upon the 
nature of the solvent. Corresponding to the low value of the dielectric 
constant of sulphur dioxide, the conductance of solutions of electrolytes in 
this solvent falls to very low values. The same is true of ammonia solu¬ 
tions, although in this solvent the conductance above the critical point 
has a readily measurable value. The conductance of typical salts in 
c'thylchloridc has not been measured, but that of mercuric chloride 
solutions, whose ionization is usually relatively low, is greater than 
tliat of solutions of typical electrolytes in sulphur dioxide under 
corresponding conditions. Judging by the conductance of solutions 

Kversheim, Ann. d. Pliys. 8, 539 (1902) ; ibid., 13, 492 (1904). 
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in the critical regions, solvents which have a dielectric constant greate 
than 26 at ordinary temperatures have fairly high dielectric cor 
stants in the critical region; and, probably, the higher tlie dielectri 
constant of solvents of this type, the greater tlie dielectric constant i: 
the critical region. In all likelihood, the dielectric constant of water i 
the critical region is fairly high. Unfortunately, there are very few dat 
available on the relation between the dielectric constant and the variable 
which determine the condition of the solvent. 

Among solvents of high dielectric constant, only solutions in wate 
have been measured with any considerable degree of precision. Th 
conductance of solutions in hydrocyanic acid indicates that the behavio 
of solutions of electrolytes in this solvent is similar to that in aqueou 
solutions, but available data are not sufficiently accurate to make i 
possible to determine the precise form of the conductance curve. Fur 
ther data on the properties of solutions in solvents of liigh dielectric con 
stant are much needed. 

b. The Relation between the Ionization Process and the Constitutm 
of the Electrolyte. While the ionization of an electrolyte is, in the firs 
place, largely dependent on the dielectric constant of the solvent mediun 
the strongest typical electrolytes are probably ionized in all solvents 
provided they are sufficiently'soluble, but in solvents of very low dielec 
trie constant ionization is appreciable only at high (‘oncentrations. Th 
typical inorganic salts arc not, as a rule, suffi(dently soluble in solvent 
of low dielectric constant to yield solutions which (‘-onduct the curren 
readily. However, salts of various organic; bases, su(;h as the substitute 
ammonium saltsare soluble in solvents of low dielecirii; constant am 
conduct the current. 

The dielectric constant is only one of th(‘ fa(‘tors governing the ion 
ization process. For ionization is largely de'ptaideait upon the nature o 
the second component. For certain suhstaiu'cs, which wc; ordinarily clas 
as the typical salts, the dielectric constant of I he* solve^nt medium i 
largely determinative of the ionization, but (*\'(‘n hen; wc; find that ii 
non-aqueous solvents tlie ionization may very gn‘afly for salts whosi 
ionization values are jmiclhadly identical in Wdivv. d'his is fnu; of sola 
tions in ammonia and still more so of solutions in ac(‘tone. In thesi 
solvents, the characteristic; pro{)erti(‘s of the eh'ctrolyt.c* persist (‘\'(‘n dowi 
to the lowest concentrations for which m(‘asurein(‘iits (‘xist and these con¬ 
centrations are much lower than those in a(iueous solutions. No theor 3 
of electrolytic solutions can be looked upon as adecpiate wliidi does noi 
render an account of this very common proptaly of these solutions. 

Walden, Bull, Acad. Imp. dcs Bd., p. 1)07, No. k; (IDiai, VI 
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In general, compounds between strongly electronegative and strongly 
electropositive constituents are electrolytes both in solution and in the 
fused state. This includes not only salts of strong acids and bases but 
also salts of weaker acids and bases. Thus, the ammonium salts are ex¬ 
cellent conductors both in solution and in the fused state. The same is 
true of salts of organic bases. Here, however, we find a few marked excep¬ 
tions. Thus, the trimethylin halides, (CH 3 ) 3 SnX are normally ionized 
in aqueous solution, but are ionized much less than other typical salts 
in alcohol and still less in acetone. In nitrobenzene and benzonitrile 
these salts are not ionized at all, although these solvents have dielectric 
constants higher than that of alcohol. Finally, these salts are not appre¬ 
ciably ionized in the liquid state.^^ It is evident that we have here an 
extreme case of individuality in an electrolytic substance. 

In many cases, the electrolytic properties of a solution are due to 
interaction between the solvent and the solute whereby an electrolyte 
is produced. Thus, the acids are electrolytes in solution but in the pure 
state they exhibit a very low conductance. Indeed, the acids are electro¬ 
lytes only in what may be termed basic solvents; that is, solvents capable 
of forming salts or salt-like substances on addition to an acid. Ammonia 
and ammonium salts are typical examples of a solvent and a salt of this 
type. Solutions of the acids in water and the alcohols probably depend 
for their electrolytic properties on the formation of similar complexes 
between the acid and the solvent.®® When acids are dissolved in non- 
basic solvents, such as sulphur dioxide or nitrobenzol, the resulting solu¬ 
tions exhibit a very low conductance, provided the solvent is quite dry. 
Doubtless, similar considerations hold for solutions of acidic substances, 
such as the acid amides in ammonia.®"^ So, also, solutions of many 
organic oxygen and nitrogen compounds in the liquid halogen acids owe 
their electrolytic properties to the formation of a more or less stable 
complex between the dissolved substance and the acid solvent. The 
inorganic bases, while intimately related to the acids from the standpoint 
of their constitution in aqueous solution, are otherwise to be classed as 
salts. The properties which they exhibit are throughout characteristic 
of salts. 

In general, compounds, in which distinctly electropositive and electro¬ 
negative constituents arc not present, are not electrolytes; or, at any 
rate, in a fused state they are relatively poor conductors of the electric 

Observations by Mr. C. C. Gallia in the Author’s Laboratory. 

“Kendall and Gross, J. Am, Chem. t3oc. hS, 1^26 (1921), have investigated the con- 
ductanee of mixtures of aelds with esters, ketones and other acids and have found unmis- 
takabk' signs of (b(‘ forination of (roinpounds. 

^ni(‘ acid arnid<'s do not conduct in water probfibly owing to the fact that these 
substama'H act as very weak bases in water, whose acidic properties are much greater 
than those of ammonia. 
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current and in solution their conductance is low. Nevertheless, solutions 
of non-polar substances may exhibit marked electrolytic properties. So, 
for example, solutions of iodine bromide, iodine trichloride, iodine, phos¬ 
phorus trichloride, phosphorus pentabromide, etc., conduct the current to 
a measurable extent in sulphur dioxide, arsenic trichloride, sulfuryl chlo¬ 
ride, nitrobenzene,^® etc. So, also, for example, solutions of iodine in 
bromine conduct the current. Walden has suggested that in these solu¬ 
tions one electronegative atom functions as anion and another as cation. 
For example, he assumes that a reaction of the type: 


= + 


takes place when iodine is dissolved in sulphur dioxide. Tlie investiga¬ 
tions of Bruner and Galecki and Bruner and Bekicr have shown that, 
in sulphur dioxide and nitrobenzol, the halogens and their compounds 
are not constituents of the positive ions. At any rate, on electrolyzing 
such solutions, the negative element may be concentrated at the anode. 
The nature of the cation in these solutions is uncertain, but there appears 
to be little doubt that the electronegative constituent is associated with 
the anion. Apparently, the electrolytic properties of these solutions ar(^ 
due to the formation of a complex between the strongly clectronegativcj 
element or compound and the solvent, in which, presumably, the solvent 
molecule, in part at least, functions as cation. 

So far as the electrolytic properties of their compounds are coiHaa-ncd, 
strongly electronegative elements or groups of elements may not fun(‘f.ion 
as cations, although it is possible that in certain cases they may 1)(‘ asso¬ 
ciated with the cation in the form of a complex ion, as is the cas(‘, for 
example, with iodine in the intermediate ion of cadmium iodide* in 
aqueous solution. On the other hand, as we have alnaidy se(*n, nutals, 
which normally are electropositively charged in their compounds with 
more electronegative elements, may, under certain conditions, furudion as 
anions. For example, sodium and lead in ammonia react to form a solu¬ 
tion in which the two elements are present in the ratio of 2.25 atoms of 
lead to one atom of sodium, when metallic lead is prc'sent in c‘xc(‘ss.''‘ 
On electrolysis of these solutions, lead is precipitated on the anode*. d1ie 
properties of these complex anions have already been discussed. 


°»Waldon, Ztsclir. f. pliys. CUem. l,H, 385 (1003). 
w Bruner and Galecki, ZUchr. /. phys. Ohem. «/,, 513 (1013). 

“"Bruner and Bekicr, ihid., 8h ^>70 (1013). 

“"Kraufci, J. Am. Chem. 29, 1557 (1007) ; Smyth, ibid., ,19, 1300 (1017), 



Chapter XII. 

Theories Relating to Electrolytic Solutions. 

1 . Outline of the Problem Presented by Solutions of Electrolytes. 
The problem of electrolytic conduction presents a twofold aspect depend¬ 
ing upon the point of view from which it is approached. On the one 
hand, we are concerned with certain well defined equilibria, the laws 
governing whicli it is attempted to discover; on the other, we are con¬ 
cerned with the mechanism of the process whereby the conduction of the 
electric current is effected. In the first case the principles governing 
equilibria in mixtures arc applied, supported by various auxiliary assump¬ 
tions which arc necessary if an explicit solution of the problem is to be 
reached. These assumptions usually involve the equation of state of 
the system, the precise form of which is not known. A general solution, 
therefore, cannot be rciaclied by this method. In order to disclose the 
mechanism of the conduction process, a knowledge of the forces acting 
l)etwccn the conducting particles and their surroundings is required. 
Since the laws governing these forces are not known, a solution is not 
possible by this method. Furthermore, if a force function is assumed, 
a solution can be readied only by the application of statistical methods 
and these meihods have not been developed to a point where their appli¬ 
cation to electrolytic systcuns can be made with any degree of certainty. 
In either cas(‘, tlu'rcfore, a point is soon reached where the results ob¬ 
tained arc little more tlian conjectures. The probable correctness of the 
results obtairuHl may be checked by comparison with experiment. In 
practice it is often found that, while the results of one method agree 
fairly well among tluanselvcs, they disagree with those obtained by the 
alternative method. That the two methods must lead to results which 
arc in mutual agreement is not to be doubted. Lack of agreement indi¬ 
cates that various assumptions made are not permissible. 

It may ho. expected that a solution of the problem will first be reached 
for mixtures where the concentration of the electrolytic component is so 
low tliat various effec'ts, due to the interaction of the ions and other mo¬ 
lecular sp(K‘ies present, become negligible. Here, however, the difficulty 
arises that expcrimcrital data become very uncertain. Nevertheless, ap- 
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preciable progress has been made in this direction. In dilute solutions 
weak electrolytes, the ionic theory has met witli marked success a 
while it may be expected that here, too, the theory will have to 
materially modified when a final solution of tlie problem lias been reach 
the mutual consistency of the results obtiiined indiiaites that a consid 
able measure of truth underlies the ionic theory as iormulated. A 
important fact should not be lost sight of in developing a more gene 
theory of electrolytic solutions. 

The inapplicability of the law of mass action in its sim{)le form 
relatively dilute solutions of strong electrolytes has led to many cont 
versies relative to the nature of these solutions. On the one hand, it 1 
been suggested that such solutions are completely ionized at all cone 
trations; ^ and, on the other, that they arc not ionized at alL“ Still ot 
theories attempt to relate these solutions with colloidal systems.^ 1 
proposed theories may be grouped into three class(‘s: (1) theories wh 
are derived by combining with thermodynami(‘ prirndples auxili; 
assumptions, whicli, in part at least, are of an canpirical nature; 
theories in which the intcrionic forcCvS due; to th(? charg(‘.s are taken i 
account; and (3) theories of a miscellancMUis natun! which as a rule 
of a qualitative character. 

2. Electrolytic Solutions jrom the Tliriinodi/ruvniir Point of Vi 
a. Scope of the Thermodymimic Method. If e(j[uilibria exist in sc 
tions of electrolytes, as wc have reason to beli(‘ve, tluai su(*h soluti 
must be subject to the thermodynamic principh/s governing c(|uilib: 
That equilibria, in fact, exist in electrolytic, systcans is liot to !)e doubt 
since in no other chiss of systems do reactions pro(‘et‘d so rapidly b 
definite condition. In most instances, it is not ])ossibl(‘ t.o nu^asurc 
speed with whicli reaction takes ])lace in these* solutions. The f 
assumption which arises in the detailed ai)plication of the principles 
thermodynamics to equilibria in solutions of (‘h‘ctrolytc*s is that of 
precise nature of the reaction involvi'd. It is obvious that, lieforc e(] 
libria of the electrolytic type can be tn‘at(‘d compn‘hcnsively, the nat 
of the reactions involved must be d(‘finitely (‘stablisht‘d. All conside 
tions in which these reactions are involv(‘d nvv. iu‘c'(‘ssnrily subj(‘ct 
uncertainty, since it has not been found possibh^ to c‘sta.blish, dedinih 
whether or not un-ionized molecules, as well ns ions, (‘xist in (‘l(*(‘tr{)l> 
solutions. The niiture of the reaction being assum(‘d, the thermodynai 
treatment of electrolytic solutions is comparatively siiniih*, so far as 
thermodynamic considerations themselves are (‘on(‘(*rn(*d. When, he 

^ Gbosh, Trajis. Chem. Uoc. IIH, 440 (1018), 

2 Snethlago, ZUchr. f. phuH. ('hem. un, l (UUr.). 

* Georgievics, Ztschr. /. phi/8. Chvm. UO, Oil (1015), 
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ever, the concentrations of the various constituents present in the solu¬ 
tion are such that the laws of ideal systems are no longer applicable 
within the limits of experimental error, a general solution of the problem 
is, at the present time, not possible. In other words, the general solution 
of the problem involves a knowledge of the equation of state of the 
system. According to the equilibrium principle of Gibbs, a system will 
be in stable equilibrium when the entropy is a maximum. For many 
purposes it is more convenient to introduce derived functions such as the 
Gibbsian functions ij) and 'Q in place of the entropy. For a mixture of any 
number of components in a system, not subject to reaction, the free energy 
is given by the equation: 

\[) = f pdv + RT [{1-x-y-z- • •) log [\-x-y-z- ■ ■) 

(98) ]v 

-j- a; log x + y log y + 2 log z -f • • • ] -\-F{xyz ..T), 

where x, y, z, etc., represent the amounts of the various constituents pres¬ 
ent per gram mol of the mixture. The term F{xyz '. .T) is, in general, a 
determinable function of temperature and a linear function of xyz... 
The term f pdv is a function of tlie concentrations xyz .., and represents 

JV 

the work done in bringing the system from a condition in which the laws 
of an ideal system arc obeyed to the condition in which the system obeys 
any given (xiuation of state."* It is obvious that the condition for equi¬ 
librium, d\\i =- 0, may at onct^ be applied if the equation of state is 
known, while, if the eejuation of state is not known, the problem is neces¬ 
sarily insoluble, since it is not jjossible to evaluate the integral in ques¬ 
tion. When reachhon takes place between various constituents present in 
the mixture, the e.ondil-ion for c(iuilibrium leads to the equation: 

(99) 2ilf = 0, 
where 

( 100 ) M = mil. 

Here m is the mokicular weight of the constituent and p is the thermo¬ 
dynamic i)()tential defined ac(X)r(ling to Gibbs.® The molecular potential 
M, of a constituent, is given by an equation of the form: 

(101) M — RT log X -f- FivT xyz..) 

where F{vT xyz ..) is a fuiuition of the composition of the system, as 
well as of volume and temperature, except when the equation of state of 

* van (l(*r Waals Kolinstnnim, “Lohrhucli tl<‘r Tberraotlynamik,” Vol. 2 (1912). 
»Gil)bH, PapiTH, Vol. 1, pp. 92 et acq. (1912). 
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the system fulfills the condition pv = RT, in which case the only raannei 
in which the concentration is involved in the expression for the tliermo- 
dynamic potential is in the logarithmic term of the above equation, h 
order to evaluate the term F(vT xyz..) it is necessary to know the equa 
tion of state of the system, since the value of M as given by the equation 

( 102 ) ^^ = 1 —— 

obviously involves the term f pdv, which cannot be evaluated withou 

}v 

a knowledge of the equation of state. The cqiuitions of state for mix 
tures of ordinary liquids are comparatively complex, and a general solu 
tion of the problem has not been effected, even for liquids of simple type 
while, in the case of mixtures of substances whose equations of state ar 
comparatively complex, even an approximate solution has been little mor 
than attempted. This subject has been treated in dettiil by van de 
Waals.® 

b. Jahn^s Theonj of Electrolytic Solutmis, Nernst^ and Jahn 
attempted to solve the problem of solutions of strong ele(‘trolytes b; 
introducing various correction terms. Since the true eejuation of stat 
for mixtures containing electrolytes is not known, evcai approximatcl;y 
it is obvious that these theories necessarily involve assumptions of ai 
arbitrary nature. These assumptions must contain within them th 
equivalent of an equation of state. In how far these assumptions ar 
allowable may be ascertained by comparing the conseciiuinces of thes 
theories with the experimental facts. Jahn set up the (‘onditions fo 
equilibrium, employing as a criterion for ecpiilibrium, the variation o 
Planck^s function: 



It is on the whole immaterial what function is employed as criterion fo 
equilibrium, provided, always, that it fulfills the conditions of a charac 
teristic function.® These functions involve the energy of the system anc 
in order that the condition for equilibrium may be solved, it is neccssar; 
to have an expression for the energy of tlic system in terms of its com 
position. In the case of ideal systems, Dalton’s law may be assumed t 
hold, in which case the energy of a mixture of substances is caiual to th 
sum of the energies of its constituents. Jahn assumed an eciuation fo 

« van der Waals-Kohnstamm, loc. dt. 

^Nernst, Ztschr. /. phys. Chem. S8, 487 (1901). 

«Jahn, Ztschr. f. phys. Chem. j^l, 257 (1902). 

•Gibbs, Scientific Papers 1, pp. 85 et seq. (190G). 
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the energy containing cross terms due to forces acting between the dif¬ 
ferent molecular species present in the mixture. This assumption, which 
is necessary for a solution of the problem by this method, is obviously 
an arbitrary one. Proceeding in this way Jahn obtains, for a system of 
electrolytes in equilibrium, the equation: 

ic^y 

(103) log -pr- = (a + Py)C -h log Ko, 

where a and (3 arc constants. The constancy of the functions a and P 
however, depends upon the original assumption made with regard to the 
manner in which the energy of the system is dependent upon its composi¬ 
tion, and, if a different assumption had been made, it would have led to a 
corresponding variation in the resulting equation. Methods of this kind 
are correct enough thermodynamically, but, in order that they may lead 
to results which may be tested experimentally, an assumption must be 
made, and this assumption is, in general, arbitrary in its nature. In this 
sense, therefore, the results of these methods are to be looked upon as 
being purely empirical in character, unless evidence of an a priori nature 
can be adduced in favor of the assumptions made. In all cases, the cor¬ 
rectness of the assumptions may be tested by comparing the resulting 
equations with the experimental values. Taking the equation of Jahn, 
it is easy to make a comparison with experiment. 

This eijiuation obviously involves four constants; namely, a, P and jKo, 
together with Ao, the limiting value of the equivalent conductance. The 
equation is a*faiiiy complex one and it is not easy to extrapolate for the 
value of Ao on the basis of this equation, but it may safely be assumed 
that, in the case of potassium chloride, the conductance of whose solutions 
has becai measured to 2 X 10'° normal, the true value of K does not 
dilTer materially from that ordinarily assumed. At higher concentra¬ 
tions, at any rate, a slight error in the value of Ao will cause a relatively 
small change in the distribution of the points. Assuming the value of 
A,„ and calculating the values of the function K' at three concentrations, 
it is possible to evaluate the constants a, p and K^. The values of a and 
P being known, the equation may be tested by plotting values of log K 
against those of (a-}-PY)C. This plot should yield a linear relation, 
but, in fact, leads to results inconsistent with the experimental values, 
d'he value of K' has a maximum in the neighborhood of 0.05 normal, 
after which it decreases rapidly. The equation as calculated for potas¬ 
sium chloride at 18“ is as follows: 

log K' = 2.5935 + (592.8 — 498.7y) C. 
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While Jahn's equation has not been tested in the case of non-aqueous 
solutions, it is easy to see that it cannot hold generally. For example, 
for m = 1 in Equation 11, the function K' varies pra(‘tically as a linear 
function of the ion concentration. Such an equation will not reduce to 
the form-of that of Jahn. 

That Jahn’s equation should not hold is in no wise surprising, since 
the assumptions underlying it are of an arbitrary nature. It is improb¬ 
able that the free energ;^^ of electrolytic solutions may be dt^termintal tis a 
function of concentration without the aid of an equation of state. In 
other words, the chance of finding the correct equation by mere accident 
would appear to be vanishingly small. The method of Nernst does not 
differ materially from that of Jahn and leads to a similar result. 

c. Comparison of the Thermodynamic Properties of Electrolytes. 
Inconsistencies in the Older Ionic Theory. While the appli(*ation of 
thermodynamic principles yields no information relative to the mec'lia- 
nism involved in electrolytic solutions, tliese [)rincipl(‘s wlum (‘ombined 
with other hypotheses lead to consequences which admit of verifnaition. 

The bearing of thermodynamics on the theory of electrolytic solutions 
was long neglected and has often been misinterpreted. So, for example, 
the correspondence between the ionization valiums as derived from con¬ 
ductance and from osmotic measurements was looked uj)on as hmding 
support to the older ionic theory. As Nernst point(‘d out, this a,i)parent 
confirmation of the ionic theory constitutes, in fact, onc^ of th(‘. chief 
obstacles in the path of its acceptance. 

Insofar as electrolytic solutions (‘onstilut(‘ systc^ms in whi(‘h (‘({uilihria 
prevail, thermodynamic principles are applicable'. It is evidc'ut, how¬ 
ever, that the laws of dilute solutions an; not ap])lical)l(; to tlu'se; systians 
at ordinary concentrations. Aside from a few v(;ry giuieral ndations, 
the application of thermodynamic principles alone can furnish us wry 
little information relative to the nature of these solutions. The; geiuu’al 
problem is to express the potentials of the various constituiuds in l(‘rms 
of the independent variables of the system; that is, of the (a)n(‘cntrations 
of the various substances present. Since statisti(;al and oth(;r nu'thods 
have not been developed to a point where they enable; us to d('t<‘rmin(.; t he 
equation of state of these systems, the problem at the pr(‘S(;nt time can 
be attacked only by experimental methods. Fortunately, tJi(‘ pobait ials 
of electrolytes in solution may be determined readily and with a rela¬ 
tively high degree of precision. The values of the pot(;ntials as thus 
determined may be treated by graphical or other empiri(;al mc'thods; and, 
while the theoretical relation between the potentials and the concentra- 

wNernst, Ztschr. /. phys. Chem. 38, 493 (1901) ; Jahn, ibid., 8S, 125 (1901). 
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tions of the constituent electrolytes remains undisclosed, the form of the 
function may be determined. At the same time, the values of the poten¬ 
tials of different electrolytes may be compared and relationships brought 
to light which arc of practical importance, even though their theoretical 
significance may not be apparent. Our knowledge of electrolytes from 
this point of view is restricted to aqueous solutions. In view of the fact 
that many properties of electrolytic solutions are greatly modified in 
solvents of lower dielectric constant, and since the similarity in the be¬ 
havior of dilute aqueous solutions of different electrolytes is not often 
found in other solvents, any generalization of the results obtained in 
aqueous solutions must be made with caution. 

The Thermodynamic Method. The significance of the results ob¬ 
tained from an examination of the thermodynamic properties of electro¬ 
lytic solutions will be better understood if treated without reference to 
detailed methods. Let us assume that we have a solution in which the 
following reaction takes place: 

-f n.,A.^ = n/A/ -f n/A/ -f • • • 

The condition for ecpiilibrium in such a solution is: 

(104) Swilf = Sn'ilf'. 

The potential sum for tlie (ionstituents on either side of the reaction equa¬ 
tion may be expressed by a function of the form: 

(105) i:».M--^/''((;„c\,...c^c/,...), 

where . are independent variables. If any of these 

variables are not, indejxmdcnt, a relation will evidently exist among them 
by means of which tlu^y may be eliminated. So long as we are dealing 
with a .solution of a single ekaitrolyte, the potential may obviously be 
c.xi)rosscd as a funcLion of the concentrations of the ions and the un-ion- 
ized fraction; that is, we have: 

(lOG) :^nM = F{C^,C-,CJ. 

Since a relation exists be,t,wc‘en the concentrations C*, C~ and it is 
obvious that one of these variables is not independent. Since, in general, 
it is not possil)lc to detcirminc the concentration of the ions and of the 
un-ionized fraction in a solution of an electrolyte, the total concentration 
of the salt may (Kiually well be employed for practical purposes, in which 
case: 

(107) 2nM = F(C^). 
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If the value of the potential sum Snikf may be experimentally determined 1 
at different concentrations, the form of the function F {C^ ) is empirically 

known. If the experimental values of SnM are correct, then the values 
of f (C ), as determined by different methods, must necessarily be in | 

agreement. This result has been verified by Lewis and Randall,^“‘‘ as | 
we shall see below. When mixtures of electrolytes are employed, the [ 
expression for the potential obviously becomes a function of a greater 
number of variables. In the case of a salt in the presence of another salt | 
with a common ion, the potential becomes a function of two variables; 
and in that of a salt without a common ion, of three variables. We ’ 
should not expect, therefore, that the values obtained for the potential 
S lim in mixtures could be directly compared with those obtained for the 
same electrolytes in a pure solvent. The methods which have been | 
adopted by investigators in this field, however, have consisted essentially ' 
in expressing the potential of an electrolyte in a mixture as a function 
of a single variable. This method consists in introducing a variable 
defined by an equation of the form: 

( 108 ) C^^^=F(C,,C,,...}. I 

This function is given such a form that the value (l(^riv(‘(l for lh(‘ i)()t(?n- 
tial sum in the mixture, on introducing as variable, corrc'sponds with » 

that of a solution of the pure substance when the same varial)Ic is inf re¬ 
duced. If such a function exists, then we are led to (‘onclude that the 
potential sum for a given electrolyte in solution is dependenf, not upon 
the concentrations of the various substances involved, but iijxni some ‘ 
other single parameter. 

The potential of an electrolyte as a function of its concentration may 
be determined directly by means of the electromotive force of c()n(‘cntra- 
tion cells. More indirectly, the potential may be obtained from the j 
vapor pressures of these solutions and from other related properf.ies, sucli 
as the freezing point, boiling point, etc. If the experimental determina¬ 
tions are correct, the values of the potentials derived from the measunj- 
ment of these different properties must necessarily be in agretatient with 
one another. 

Lewis and Randall have compared the available cx|)erimental data 
for aqueous solutions in this way, and have found them to be in (excellent 
agreement. This implies the correctness of the methods em])loyed in cal¬ 
culating the various thermodynamic quantities, as well as the acaniracy 


Lewis and Randall, J. Am. Chem. Soc. 48, 1112 (1921). 
Idem, lov. ait. 
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of the experimental methods, by means of which the data were secured. 
The practical application of thermodynamic principles to electrolytic 
solutions is largely due to G. N. Lewis.^^ In recent years numerous 
other writers have occupied themselves with this subject.^® The writers 
on this subject have commonly employed the activity function of Lewis, 
which is defined by the equation: 

(109) M = RT log a + io, 

where a is the activity and i is a function independent of the concentra¬ 
tion of the constituent in question. The ratio of the activity of a sub¬ 
stance to its concentration is termed its activity coefficient and is thus 
defined by the ecpiation: 

(110) a=^. 

In a solution of an electrolyte we have an equilibrium of the type: 

-|- rrA^' = A', 

where A' represents a molecule of substance which dissociates into 'tC 
positively charged ions and n negatively charged ions A^'. The 
number of cluirgcs on the ions is not indicated. Introducing the values 
of M from Equation 109 in Equation 104 we may at once derive the 
expression: 

i-n '- -n- 

(111) p)g ^ 1 

% 

where a', a', and denote the activities of the positive and negative 

ions and the im-ionizod molecules, respectively, and K is a function inde¬ 
pendent of conciontration. Eor the change in the potential of the electro¬ 
lyte between any two concentrations of the system, we have the equa¬ 
tions: 

\ 

(112) {-2n'M')( — {'Sn'M\ = BT log —, 

% 


(113) 


(2nM)/^ — (SnM)^^ = RT log 


n 

« b “ b 
+ n- 


a 


a 


a 


^^LewiH, J. Ain. Chan. 3’,, 1(131 (1912). , ^ 

13 BronKt(‘(I, Am. <fhrm. *S'or. //2, 7(51 (1920); Bjerrum, ZtscJir. f. Elehtrochemie 2//, 
321 (1918); ZtHchr. f. Anor</. Chem. 1(>0, 275 (1920); Harned, J. Am. Chem. Soc. 

180SJ1^9«(n. Acad. J,S, 259 (1907) ; Ztschr. f. pJiya. Chem. €1, 129 (1907) ; iUd., 

70, 212 (1909). 
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From Equation 112, the ratio of the activities of tlic un-ionized mole¬ 
cules for any two conditions of the solution may he determined if the 
potential change is known. Similarly, tlu' ratio of the activity products 
of the ions may be determined from E(|uation 113. 'rhe actual value of 
the activity product is not in general determinable. At low concentra¬ 
tions, however, as is apparent from Equation 109, the activity a ap¬ 
proaches a value equal to that of the concentration C. If the potential 
can be determined at sufficiently low concentrations, that i.s, in solutions 
sufficiently dilute so that the laws of dilute solutions become applicable, 
the true values of the activity products may be didcrmincd. In systems 
in which a reaction takes i)lace among the constituents the concentra¬ 
tions C are not usually determinable, so that the value of the true activity 
coefficients a remains undetermined. For practical purposes, therefore, a 
new activity coefficient has been introduced, defined by the equation: 


(114) 


• a 



where C,, is the total concentration of the electrolyte. Further, instead 

o 

ol employing the values of the product of the activity coefiicients, some 
function of the product of tliese coefiicients is employed which makes the 
resulting coefficient more nearly comparable with tiiat of a solution of a 
single molecular species. For electrolytes, Lewis and Randall have intro¬ 
duced a coefficient a^., defined by the ecpiution: 


(115) 




C. 


i(. 


< .n^ p n \ 


where and may be called the redu(‘ed activities and the reduced 
concentrations of the ions.^^ In a solution of a binary electrolyte: 

i®The nature of the various coflUcifuils may he further writing the 

equations for the potential sum in somewhat moiM; (jxplicit ft>rm. We hav(‘; 

(117) 1(»K 0 j -| 

where 

rn./:==/.•'/■ r«. 

It Is evklont that this equation is not capable of bciiif; <‘mploy(‘<l i>racti<*nlly as an inter¬ 
polation function, since 0 is nut dutmuniimble. If, now, a is replatasi l»y c . the total 
salt concentration of the electrolyte in solution in pure water, 

(IIS) loy; 

If the vjilues of l-nU are known for different valu(‘S of r' , tlum the variation in the 
function over the concentrations in question is likewis(; known. In Equation 117. 

XnJ measures the ciiange in the value of the potential of a suhstama* in a real system 
above' that in an ideal system at the saim; conetuitration. When tlie reduced concentnitloa 
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Numerical Values. In comparing the thermodynamic behavior of 
different electrolytes, Lewis and Randall have compared the values of the 
reduced activity coefficients at corresponding concentrations. In 

Table CXXX are given values of the activity coefficients of different 
electrolytes at a number of concentrations. These values have been 


TABLE CXXX. 

Activity Coefficients of Very Dilute Aqueous Solutions at 
Different Concentrations. 


0.01 0.005 0.002 0.001 0.0005 0.0002 0.0001 

KCl, NaCl ... 0.922 0.946 0.967 0.977 0.984 0.990 0.993 

KNOj . 0.916 0.943 0.965 0.976 0.984 0.990 0.994 

KIO,, NalOs . 0.882 0.915 0.946 0.961 0.972 0.982 0.988 

K^SO^ . 0.687 0.749 0.814 0.853 0.885 0.917 0.935 

H 2 SO 4 . 0.617 0.696 0.782 0.831 0.871 0.910 0.932 

BaClj . 0.716 0.771 0.830 0.865 0.894 0.923 0.939 

C 0 CI 2 . 0.731 0.784 0.840 0.873 0.900 0.927 0.943 

MeSO, . 0.40(4) 0.50 0.61 0.69 0.75 0.81 0.85 

KjFeCCN)^ .. 0.571 0.657 0.752 0.808 0.853 0.897 0.922 

La 1 X 03)3 ....0.571 0.657 0.752 0.808 0.853 0.897 0.922 


derived from freezing point measurements and agree well with those 
derived by other methods. In Figure 59, the continuous curve represents 
the value's of the aed.ivity (iociflie.icnts of sodium chloride at different con¬ 
centrations as derived from freezing point determinations, while the 
points indicated by circles represent values of the coefficients as derived 


(f^ iK introduced, nienHurcH thin of potoiitiul, together with the variation 

due to the HUbHtltution of (J^ for C. If we write: 

■=z RT'^n log 

and Introduce thiH function into tlie eautition for the activity, we have: 

log a = RTXn log 0^ + RT 2n log Og, 


whence: 


:cn log a =: I 0 P 7 


This equation didiiu^H th<‘ Htolchlonietric activity coefllcicnt of Briinsted. If salts were 
completely ionizeil, the coelllcient (!■/(■ ^ would be a measure of the true activity 

coefllcicnt. SIih'c poU'iilIal incasurcnu'ntH y'udd values of the activity products only, an 
asHumption is n<*<!(‘SKnry if the activity cocflicl(‘nt is to be deflned by means of an equation 
of the form : 



In inlxturcH of any number of cb'ctrolytes the definition of the total salt concentration 
also becomcH uncertain and a furtlier a.Msumptlon of an arbitrary nature is involved in 
defining the activity coefiicientB, 
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from electromotive force determinations.’--’^ It is evident that the 
activity coefficients, as determined by the two method.s, arc in remark¬ 
ably good agreement. This indicates the correctness of the methods em¬ 
ployed in the calculations, as well as the accuracy of the experimental 
data. Similar calculations have been made for ufiuecnis .solutions of 



0.0 0.5 1.0 1.5 2.0 24 

fc)(j[uur(; Rout of ('oncpiitnit ion. 


Fig. 59. Activity Coofficicuts of Sotliuin ('hlori<h‘ Solutions n.s a I‘'un('iion of 

Concentration. 

sulphuric acid by the freezing point, ('Icctromotive force, and vapor pres¬ 
sure methods. Here, again, the results of the difTenait methods have 
been found to be in c.xcellent agreement. In Table (’.X.XXI are given 
values of the activity coefficients of t.y])ical electrolytes at higher con¬ 
centrations. 

TABLE CXXXr. 

Activity Coki-’fictents of Tvitcai. Ei.ecthoi.vtkk. 


C = 0.01 0.02 0.05 0.1 0.2 0.5 1 3 

HC1(25°) .... 0.924 0.894 0.8G0 0.814 0.783 0.702 0.823 1.35 

LiCl(25°) .... 0.922 0.892 0.843 0.804 0.774 0.754 0.770 1.20 

NaCl(25°) ... 0.922 0.892 0.842 0.798 0.752 0.089 0.0.50 0.704 

KC1(25°) .... 0.922 0.892 0.840 0.794 0.749 0.082 0.034 

KOH(25°) ... 0.92 0.89 0.84 0.80 0.75 0.73 0.75 

KNO., . 0.910 0.878 0.800 0.732 . 

AgNd,. 0.902 0.857 0.783 0.723 0.055 0.520 0.390 

KIO.„ NalOj .. 0.882 0.840 0.705 0.092 . 

BaCi^. 0.710 0.055 0.508 0.501 . 

CdCl2(25°) ... 0.532 0.44 0.30 0.219 . 

K„SO^ . 0.087 0.014 0.505 0.421 . 

H,SO,(25°) ...0.017 0.519 0.397 0.313 0.244 0.178 0.150 1.70 

La(N03)3 .... 0.571 0.491 0.391 0.326 0.271 . 

MgSO^ . 0.404 0.321 0.225 0.166 0.119 . 

CdSO, . 0.404 0.324 0.220 0.160 . 

CuSO,, . 0.404 0.320 0.216 0.158 0.110 0.067 


Allmand and ToJaek, Jour. Clicm. Soo. m, 1020 (1019). 
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As may be seen by reference to Table CXXX, the activity coefficients 
of electrolytes of the same type do not differ greatly at low concentra¬ 
tions. The activity coefficient increases as the concentration decreases 
at low concentrations. In solutions of strong acids and bases and of the 
alkali metal chlorides, the activity coefficients pass through a minimum 
at high concentrations. This, however, does not appear to be a general 
property of electrolytes, since silver nitrate does not exhibit a minimum 
up to concentrations of 5 molal. The higher the type'of salt, the more 
rapidly does the activity coefficient decrease with increasing concentra¬ 
tion. While, as a rule, salts of the same type exhibit the same values 
of the activity coefficients, a number of exceptions occur, such as cadmium 
chloride, whose activity coefficient at 0.1 M is 0.219, while that of barium 
chloride at the same concentration is 0.50. Aqueous solutions of electro¬ 
lytes arc remarkable for the uniformity of the phenomena presented. 
At low concentrations, many properties of these solutions differ only in¬ 
appreciably for different electrolytes of the same type. The same rela¬ 
tion is found in the case of the activity coefficients. At higher concen¬ 
trations, however, different electrolytes exhibit considerable variations. 

At low concentrations, the values of the reduced activity coefficients 

approach those of the ionization coefficient y = -A. The significance . 

of this result is un(‘,ert:iin; since, even at the lowest concentrations, aqueous 
solutions of strong*; electrolytes do not conform to the requirements of 
the law of muss u(;tion. 

A comparison of the activity cocfScients of solutions of pure electro¬ 
lytes witli thos(j of mixtures cannot be effected without some further 
assumption. A yriori, we should not expect the activity coefficient of a 
given suit in a mixture of electrolytes to correspond closely with that 
in a solution of the pure substance. From Harned’s measurements on 
the electromotive force of concentration cells with mixed electrolytes, 
Lewis and Randall draw the conclusion that ^fin any dilute solution of a 
mixture of strong elec-lrolytes, of the same valence type, the activity 
coefficient of each electrolyte depends solely upon the total concentra¬ 
tion.^^ Wlicire tlie mixture contains salts of different valence types, they 
have introduced a new concentration function defined by the equation: 

'’‘"O's, + + ... 

(119) C,„.=-2- 

where C^ is the total molal concentration of an ionic constituent in the 
solution and v is the number of charges which it carries. This quantity, 
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C which is termed tlio ionic strenfi;tli, is empioyed to I'xprcss the activity 
m’ 

coefficient of a salt in a mixture in terms of a single variable, l-'rom their 
results they conclude tliat “in dilute solutions the activity cui-lliident of 
a given strong electrolyte is the same in all solutions of the .same ionic 
strength.” 
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Fig. 60. Variation of l/Cr for 'rhallons (’lilorulc a-* a I‘’inicii<tn t>f tin* Ionic 

St roiif.'.th, 

In Figure 60 are n'presented vahu‘s of the reeipmenl of tin* mean 
molality of thallous ehloride, defined ataairding to Iviiiatifin 115, against 
values of the square root of dcdiiual aeeording to Iviiiation 119. In 

Table CXXXII arc given values of the a(‘tivity (‘oeflieicmts of lhallous 
chloride as determined from solubility experinieuts. 
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TABLE CXXXII. 


Activity Coefficients of Thallous Chloride in Mixtures at 25°. 



InKNO; 

0.001 

0.970 

0.002 

0.962 

0.005 

0.950 

0.01 

0.909 

0.02 

0.872 

0.05 

0.809 

0.1 

0.742 

0.2 

0.676 


InKCl 

InHCl 

In TINO 

0.970 

0.970 

0.970 

0.962 

0.962 

0.962 

0.950 

0.950 

0.950 

0.909 

0.909 

0.909 

0.871 

0.871 

0.869 

0.797 

0.798 

0.784 

0.715 

0.718 

0.686 

0.613 

0.630 

0.546 


As may be seen from the figure, the curves, connecting the reciprocal of 
the mean reduced concentration with the ionic strength, diverge 

largely at higher concentrations. With electrolytes of the same type, 
such as potassium chloride and hydrochloric acid, the divergence is not 
large. With potassium nitrate, however, the divergence at higher c^ 
centration is marked, as is also that for the ternary electrolytes, barium 
chloride, thallous sulphate, and potassium sulphate. In view of the fact 
that these curves necessarily pass through a point corresponding to a 
saturated solution of pure thallous chloride, the conclusion of Lewis and 
Randall that the curves become coincident at lower concentrations is 
open to doubt, for it is conceivable that, since the curves exhibit a 
marked (‘urvature at higher concentration, such curvature may be main¬ 
tained in mixtures at lower concentration. 

Lewis and Randall liave also examined the solubility curves of higher 
types of salts, and have shown that, for limited concentration intervals, 
their prirKviple of mixture's is able to account for the observed phenomena 
(iiiitc closely. 

Solubility Relations According to Bronsted. Bronsted^® has also 
trcatx'd the solubility relations of mixtures of electrolytes.^®'' He assumes 
that the van’t Hoff factor i may be expressed as a function of the con- 
cciiiration by mctins of the equation: 


( 120 ) 




liroUHti'd, loc. cit. 

JJniiisUKl’H Ihoorv ol’ Ui<‘ solubility cUccts in mixtures of electrolytes is simply 
in Uu-ms of Ji.b'rruin’s theory of electrolytic solutions. Bjerrum assumes that 
(‘Icol r(>I v(OS arc coniplclcl v i<>niz<Ml and Unit the observetl effects are due to interaction 
b(‘(\v<‘cn the ions. So I’nr :is lli(‘ (‘xpcriincntal foundation of Bjerruin’s theory is concerned, 
however, it Ih bas(‘d chielly upon observations in mixtures of electrolytes. Naturally, 
B.bu’niin’s tlu'or.v, in Uu^ cns(‘ of a solution of a pure electrolyte, is in harmony with that 
of MiliH'r. Se(^ Bjernnn : />. KaL DdmUe Vidcmic. Selsk. ^krifter (7), 1 (1906) ; Proc. 

Ith Intern. OOmir. Appd. Cli-enb., Sect, X (1909) ; Ztaclir. f. Elcctroch. 11, 692 (1911) ; U)id., 
Ih, 621 (1918).' 

Noyes and Falk, J. A7n. Chem. Soc. S2, 1011 (1910). 
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where C is the molal concentration and •/. is a constant characteristic of | 
the salt. Combining this empirical equation with the (lilhavntial thermo- i 
dynamic equations and integrating, he obtains the eejuation: I 

(121) log C‘C- = 2y.(' + Const., ! 

where is the total salt concentration of the, saturated solution. In 
the case of salts without a common ion, Brdnsted assumes: > 

c* = c-=a^, 


where is the total concentration of the saturating salt. This leads to 

o 

the equation: 



For the solubility of a salt in a mixture containing a salt with a common 
ion, Bronsted assumes: 

C' = C, and C'" e : t 


where C' and C" arc the concentrations of the uncommon and the com¬ 
mon ion respectively. This leads to the c<iuation: 


(123) 




iogpf-; = 2-/.(c,‘/»-c;. ■/''). 

O.. " *' ‘o 


These equations express the solubility of (het satural in^ salt in ienns of 
the total concentration of all the salts in solution. The vahii^ of the 
constant % depends upon ih(‘ tyjie of s:ilt. i*or uni’-univalonl salts, 
X = approximately 1/3; for bi-liivalont salts, ami lor tri-t,rivalent 
salts, 3. Bronsted shows, in the first })la{*(‘, that tin* form of the enrv'e is 
determined by the values of tlic (‘oiistants f h. ami z. in tia* prostuirc^ of 

’ o 

salts without a common ion, (he solubility of the saiurafing salt is in¬ 
creased due to addition of the second elect rnlyte; and I his increase is the 
greater, the greater the vtdtie of Ihe, constant ■/.. .Meivitvcr, the relaticn 
increase of the solubility is tlie gre;tfer, the sin.aller the v.-ilia- of . In 

•■'O 

the presence of salts with a common ion, tin; fnrm of tin- suliiliihty curve 
depends upon the number of charges on Ihe ions and llu; niimhcr of ions 
resulting from the different stilts. Jinlnsted shows thtil, solubility curves 
will, in general, exhibit a minimum. In tlie case of vmi-uni\ iilent salts, 
this minimum will lie at very high concentrations; fur bi-bi\iilent salts, 
assiuning x = 4/3, the minimum concentnition is 0.12 7 «.; tmd for tri- 
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trivalent salts, assuming x = 3, the minimum is at 0.01 m. Bronsted^s 
equations therefore account for the solubility relations of various salts 
in a general way, including the minima which have been observed in the 
case of salts of higher type. Adjusting the value of the constant % to 
represent the experimental values in the best possible manner, Brbnsted 
has shown that his equations account for the observed solubilities up to 
0.1 N, practically within the limits of experimental error. 

According to Bronsted's equation, the activity of all salts ultimately 
passes through a maximum. Under these conditions, the solutions will 
be unstable at the maximum point and the system in these regions should 
separate into two liquid phases. In the .case of salts of higher type, the 
concentration at which this phenomenon should occur lies in regions 
where tlie concentration is fairly low. Bronsted has actually been able 
to observe separation of a liquid phase in solutions of salts of certain 
trivalent ions. 

The results obtained, on comparing the thermodynamic potential of 
electrolytes in aqueous solution, show that these values as derived by 
different mctliods are in excellent agreement. Thermodynamic principles 
alone are not capable of supplying information as to the nature or number 
of the molecular species present in electrolytic solutions. The results are 
naturally in agreement with the assumption that electrolytes are com¬ 
pletely ionized and, in view of the fact that in the thermodynamic treat¬ 
ment we are restricted to total concentrations and not to actual concen¬ 
trations, the results are most simply interpreted on the basis of this 
hypothesis. This, however, does not preclude the possibility that un¬ 
ionized niolecaikts or intermediate ions may exist, or, indeed, that other 
(‘(jinplexes may be i)resent in these solutions. 

3. Theories Taking into Account the Interionic Forces, a. Theory 
of Malmsirom and KjeUin. A great many investigators have attempted 
to account for the properties of solutions of electrolytes by taking into 
account the forces acting between the charges. According to this view, 
a,s was i)ointed out by Thomson and by Nernst,^^*' the ionization of an 
electrolyte under given conditions should be the greater the greater the 
dielectric constant of the medium. 

Among those who have attempted a solution of the problem by this 
method are KjeUin and Malmstrdm.^^^ These theories, which are prac¬ 
tically the same, lead to an equation of the form: 

A log = log K + log C,^ + 

ThoiiiKon, PhiL Mag. [5], ,%*, 320 (1S93). 

NcTiiHt, /jtHvhr. /. phys. ('Iiem. IS, 531 (1804). 

KjeUin, /AHcfir. /. phys. Clirm. 11, 192 (1911). 

MalmHtrooi, «c*e lijellin, above. 
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where A, B and K are constants and and C.- are the concentrations of I 

the ions and the un-ionized molecules, respectively. For binary electro- ' 
lytes A has a value of approximately 1.5, B of 0.3 and K of 1.0. Applied f 
to aqueous solutions of sodium and potassium chlorides, this e(}iuition 
was found to reproduce the results ciuite closely up to 0.05 N, the con¬ 
stants of the equation being fitted to the experimental values. Similar 
results were obtained with a number of ternary salts. 'I'lie eejuation is ' 
not applicable to solutions in solvents of lower dielectric constant such as j 
ammonia, even at low concentrations. At high concentrations, in sol- i 
vents of dielectric constant loss than 20, it is obviously inapplicable, j 
since, according to this equation, A ncccs.sarily increases with conccntrii- ; 
tion. It may be noted that the form of this e(iuation resembhjs somewhat ' 
that of Bronsted’s for the solubility of a salt in the presence of other 
salts. 

b. Theory of Ghosh. The most comprehensive theory which has 
been proposed to account for the beluivior of solutions of electrolytes is j 
that of Ghosh.^“ Ghosh assumes tliat strong electrolytes are completely , 
ionized, but that only those ions whose energy is sufficient ly great to over¬ 
come the electrostatic field due to the charge's are actives in carrj'ing the 
current. It is difficult to sec how Ghosh’s activity coefficient diflers from 
the usual ionization coefficient. Apparently, what this author has in 
mind is that the ionic complexes persist in f lie neutral molecules. While 
such an assumption is not fundamental to flat older ionic theory, it is 
nevertheless true that previous investigators-' in this field have long 
since recognized that in the neutral molecule flu; identity of the. ionic 
complexes is not lost. The theory of Ghosh, as w<'ll as tliose of sonic 
other writers, would be more readily understandable to most, readers if 
the customary nomenclature had been retained. 

Ghosh calculates the potential due to tlie field on the a.-siimptiou that 
the ions arc distributed in the medium in a definite manner forming a 
space lattice. He assumes that the space lattiei* of a salt in solution 
corresponds to that of the salt in the crystalline st;de and therefrom cal¬ 
culates the distance between the positive and negati\'e eliarges. In 
calculating the iiotcntial, Ghosh assumes that the ions form doublets so 
that the work involved in seiiarating the ions is ilue only to the N pairs 
of positive and negative ions, d'his theory has been criticized by Part¬ 
ington,-- Chapman and George,-- and more recently by Kraus.'-'* 'I'liese 

Trans, (hern. *S"or. //.>’, -Mil. Gl!?, 7(>7, 7UG fllHSi. 

( 1907 )^^^'^'^’ AqueouH Solulioiis at IHkIi Trinpt'nitun's, ('ariii-giV Puhliration No. F.::, p. ano 

23 Partington, Trans. Faraday Far. /.7, 111 

2 ’'Chapman and (Icorgt*, Fltil. May. 7 <»'» 

2* Kraua, J. dm. Uhem. Foe. JfS, Dec., 1921. 


THEORIES RELATING TO ELECTROLYTIC SOLUTIONS 341 


criticisms need not be further considered here but it may be of interest to 
compare the conductance values calculated according to Ghosh's theory 
with those experimentally determined. 

For the conductance of an electrolytic solution Ghosh's theory leads 
to the following equation: 

log A = log Ao— 

NEH2Ny/^ 

P ~ 2.3026 mB ‘ 


(124) 
where 

(125) 


Here N is Avogadro’s number, 6.16 X 10^’, E is the electrostatic unit of 
charge, 4.7 X 10'^“ E.S.U., B is the value of the gas constant in absolute 


C^, Epichlorhydrin. 

0,0 o.os 0/0 ojs 0.20 o.^ir 



Fi< 


1. ()1. ^ Plot 
in Wat.i'r at 


>f nUosli’s C^onduotanco Function for Soluticms of Pota^mm Chloride 
IS" and 'rct.ractiiylainiuonium Iodide m Epichlorhydrin at 25 . 


units, and m is a factor depending upon the number of ions n resulting 
from the ionization of the neutral molecules and upon the number of 
charges associated with a single ion, as well as upon the manner of dis¬ 
tribution of these ions in the solvent medium. It is evident that, for 
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given solvent at a given temperature, the logarithm of the eciuivalcnt con¬ 
ductance is a linear function of the cube root of the concentration and 
Ghosh’s theory may be readily tested by plotting the experimentally 
determined values of log A against those of If the equation is 

applicable, the experimental points should lie upon a straight line from 
which the values of Ao and P may be determined. If the etpuition is not 
applicable, the experimental points will evidently show a systematic 
deviation from a straight line. 

In Figure 61 are shown the curves for pota.^sium chloride in wafer and 
for tetraethylammonium iodide in e 2 u‘chlurhydrin. It is evident from 
the figure that the experimental points lie upon a cur\-e concave toward 
the axis of concentrations at low concentrations and convc'x toward this 
axis at higher concentrations, with an infh-ction point between. The 
experimental points show a systematic deviation from a linear relation 
and Ghosh’s equation therefore is not appli(‘al)lc. In Table CXXXIII 
the observed and calculated conductance values are compared. 

TABLE CXXXIII. 

Comparison op Observed and CAEcunATKO Vaei-kh op A pok KCl 
IN Water at 18”. 

A„= 132.06 p = 3.620 X 10'‘ r = 291 D = 8l 


V 5X10^ 2X10‘ 10‘ 5X10’ 2XHT 10’ 5X10’ 

A calc . 130.80 130.35 129.90 129.35 128.40 127.47 126.30 

Aoi,h . 129.51 129.32 129.00 128.70 128.04 127.27 126.24 

A„i,„.-,.„ic. ... — 1.39 —1.03 —0.90 —0.45 --0.3() 0.20 - -0.00 

V 2X10’' 10’' 50 20 10 5 2 1 

Acaie . 124.31 122.37 119.97 116.9 112.1 107.4 99.7 92.7 

Aobs . 126.24 122.37 119.90 115.6 111.8 107.5 101.3 96.5 

A„i,8.c«ic . +0.03 ±0.00 —0.07 - 0.3 --0.3 • 0.1 •) Lb I 3.8 


The experimental values have a relative precision not Ir.-'s Ilian 0.05 
per cent. It is evident, from the talih>, that the theoref ieal values deviate 
from the experimental values far in excess of any coneeivalile exiierimeu- 
tal error, except at a few points in the immediate neiglihorliood of the. 
inflection point, which is at about 0.01 normal. As may bi* seen from 
the curve for e2nchlorhydrin, t.he deviations in tliis solvent are much 
greater than in water. It is to be noteil, too, that the experimental points 
again lie upon a curve which is of the same type a.s that of pota.ssium 
chloride in water; that is, the curve is concave toward the axis of concen¬ 
tration at low concentrations and convex toward this axis at high con- 
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centrations. It has been shown that this form of the curve is general and 
that in solutions of non-aqueous solvents the deviations from Ghosh’s 
equation are much greater than in water, and therefore are far in excess 
of any possible experimental error.’*® 

Ghosh has likewise treated other properties of electrolytic solutions. 
In view of the fact that his theory fails to account satisfactorily for the 
relation between the conductance and the concentration of electrolytic 
solutions, it is unnecessary to consider these properties here. 

c. Mihier’s Theory. Of the various theories proposed to account for 
the properties of electrolytic solutions, that of Milner is perhaps the most 
noteworthy, since it is comparatively free from arbitrary assumptions. 
Milner ““ has calculated the virial for a system of positively and nega¬ 
tively charged particles by statistical methods, and therefrom has calcu¬ 
lated the influence of tlie ions on the freezing point of solutions.^®® He 
found, in effect, that the virial of a system of charged particles has a 
finite value, from which the osmotic pressure of the solution may be 
deduced, and therefrom tlic freezing point. 

In the following table arc given values of the van’t Hoff factor i for 
potassium chloride in water calculated by Milner, together with the values 
of i determined by Adams directly from freezing point measurements. 


TABLE CXXXIV. 

CoMi’AuiaoN ov Miiinkk’s Values of i, with Those Expeeimentally 


Determined. 

C . 0.005 0.01 0.02 0.05 0.1 

'Milner . 1.9G2 1.947 1.926 1.885 1.838 


'Adams . 1.901 1.943 1.922 1.888 1.861 


As may be seen from tlic table, the calculated values of i are in excel¬ 
lent agreement with tliosc determined by Adams. Milner’s values are 
based on the assumption that the electrolyte is completely ionized, the 
observed freezing point (hipression being due entirely to the interaction 
of the ions. If an ionization value were assuitu'd corresponding to that 
gi\'(‘n by Ihe ratio A/Ai,, thc^ \'alu(!S of z, as cahmlated by IHilner, would 
be lower than those observed. Milner has accordingly suggested that, 
within t.lu'sc! rang(‘S oi (‘oiu'entrtit/ion, strong electrolytes are completely 
ionized. If this is so, Clio change in the conductance of electrolytes must 


2“KnuiH, loc. ciL 

MUnor, Phil. M(UJ. 2.1, 
(In vniiaKli, 


r>r> i ( vj ri); iUd., 

Phil. Mao. 


2,7. 742 (1913). 
(1922). 
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be due to a reduction in the mean carrying capacities of the ions at higher 
concentrations. 

Thus far, the conductance of electrolytic solutions a.s a function of 
their concentration has not been accounted for with equal succc^ss. Mil¬ 
ner has considered this problem, but without arriving at an (‘X{)resBion 
for the conductance as a function of concent ratit)n. He has concluded, 
however, that the decrease of conductance at low c'oiuaaitration must be 
mainly due to a decrease in the ionic mobilities and not to a decrease in 
their number. The argument here docs not ai)p(‘ar to be altogcdher con¬ 
vincing. Milner assumes, for example, that th(‘ undissociated molecules 
are normal in their osmotic behavior. The justification for this assump¬ 
tion is by no means obvious. Moreover, experimental facets w(*igh hcaivily 
against the generality of the conclusion reachesL Wcaik eletdrolytes in 
water, and, apparently, all classes of electrolytes in non-acpuaius solu¬ 
tions, approach the mass-action law as a limiting form at low (amcentni- 
tions. The difficulty is not alone to account for the failure of the mass- 
action law in solutions of strong electrolyte.s in watc*r but, also, to acaamnt 
for the applicability of this law to solutions in othiu* solvcaiis where, judg¬ 
ing by the lower value of the dielectric constant, tlic‘ interionic* forca^s tire 
much greater thtin in water. Furthermore, tiec^ording to IMilner's theory, 
different electrolytes in dilute solutions should (‘xhiliit jmtietic.ally identi¬ 
cal properties both as regards their osmotic tind i li(*ir cdecdrietil propcadicH. 
This condition is approximtitely fulfilled in wtifiT, lait not in solutiems in 
non-aqueoiis solvents. In th(*se Latier solvents, the ehadrolyici ti[)pc*!irs 
to retain its individuality even tit exe(‘cdingly low (‘onrent nil ions. Any 
theory which cannot give tin aceount of this fundanumlal propcady of 
electrolytic solutions is obviously incaunplidca 

It is not difficult to see in what intinnca’ the* ecindued.aiicc* would be 
influenced by intcrionic action tit higlua’ eoncaaif ml inns. Aoeording to 
Milner, the ions arc not distributed haphazard throughout the* mc'diuni, 
but, on the average, as the r(‘sult of intcTtudion IxdAvcMai the* ehtirg(‘S, ions 
having like charges arc somcwhtit farther tiptirt tind ions having unlike 
charges somewhat nearer together thtui would othcaavisc* he the* ctise. 
Ordinarily it is assumed that a chtirged ptirticde* moves in ti uniform 
electric field. If, however, the ions an? eomhining .and dissoeitifing, or, 
in any case, if charged particles approtieh etudi ollua* suliioicaifly cdosely, 
the surrounding field will be influenced and the? speed of t iui ions will vtiry 
for different individuals, depending upon the proximity of other ions. 

According to this view, the ratio y ~ is a rnejisure, not of the number 

Aq 


« Milner, PUl. Mag. S5, 214 and 352 (191S). 
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of particles actually engaged in the transport of the current, but of the 
mean conducting power of the ions. It does not necessarily follow, how¬ 
ever, according to tliis view, that all the ions in solution are at all times 
acting as carriers of the current. 

Lewis and Randall “ have recently pointed out that the ionization of 
an electrolyte cannot be defined without some degree of arbitrariness. 
This difficulty is not one confined to electrolytic solutions. In all sys¬ 
tems, in which reaction takes place among a number of constituents 
throughout the mass of the mixture, the definition of the concentration 
of the various constituents concerned becomes uncertain. So long as the 
system is dilute, the concept of concentration is definite; but, when the 
concentrations reach such values that the forces acting between the con¬ 
stituents become appreciable, the concept embodied in the term molecule 
becomes indistinct. This difficulty arises of necessity whenever we pass 
from the purely thermodynamic to the kinetic method of treating systems 
of real substances. That tliese various difficulties should arise in solu¬ 
tions of electrolytes is not surprising, since these are the only concentrated 
systems regarding which we have data sufficiently accurate to enable us 
to observe the deviations from ideal systems with any considerable degree 
of certainty. That un-ionized molecules exist in aqueous solutions of 
ternary salts in water appears to be conclusively demonstrated by the 
fact that transference measurements have shown that complex cations 
exist. I'hus, the transference number of the cadmium ion, in cadmium 
iodide, according to Ilittorff, is greater than unity at high concentrations, 
and the manner in which the transference number of cadmium chloride 
Viiries with the eonccaitratioii indicates that its behavior is not essentially 
dilTereait from that of cadmium iodide. It must be assumed, therefore, 
thiit, in solutions of cadmium salts, ions of the type CdX* exist. If this 
is true of one elect,rolyte, the same may well be true of others. 

I<’inally, it is not sufficient that a tlieory of electrolytic solutions shall 
account nua-cly for a diminution in the conducting power of electrolytes 
with increasing (concentration, for, in solutions in non-aqueous solvents, 
tlie conductamccc increases with increasing concentration at higher con¬ 
centrations; and, if the dielectric constant is sufficiently low, the con¬ 
ductance iiucreascs with increasing concentration even at relatively low 
concentrations. 

d. Hertz's Theory of Electrolytic Cov-duction. P. Hertz has at¬ 
tempted to solve the problem of electrolytic conduction by taking into 
account the intcrioni(! forces. He has derived the following equation 


hoc. cit. . 

^ Ilortz, Ann. d. Phya. 37, 1 (1911). 
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expressing the relation between the equivalent conductance A and the 
concentration C of the solution; 

(126) h-(«J = I [|-Si(u)] ' + [«(«)]=j- 

where 

u 

. s r,*. . f sin u j 

(127) Siiu) - ] ---- - du, 

0 


u 


(128) 


du, 


0 


(129) 

•»l>(w) = 'B(A«. 

A), 

and 



(130) 

11 

O 



Here Ao, A and B are constants. Ao is the limit inii; v:iluc which the 
equivalent conductance approaches as the c'onr(*iilratit>n d(Tr«'aM‘s indefi¬ 
nitely. This equation is of the form: 

(131) 7i(A„---A) r-iji -M. 

It is evident that; for a givim solvent uiehn* «'(tii<!iti(tns, the 

conductance function will have th(‘ same form for tiiiVrrent rulyfes 
according to this theory. If the values of (?/) and oi' a aiv r«‘prrM*nted 
graphically, then it should be possible to transform the eur\t* for one 
electrolyte into that for another by merely altering the : r.-ile un plotting. 
It is obvious that this condition will be v(‘ry nc^arly fulfilled in aqueous 
solutions of strong binary electrolytes, since the ionizatinn of difiVnait 
electrolytes at lower coiu’entrations is j)racii{‘ally idenfi<*;d. If Hertz’s 
theory held strictly, the value of the constant A wouhl 1 m‘ predefermined 
by the nature and condition of the sohamt and wo\ild hi* independent oi 
the nature of the electrolyte. The difference in the values of IIh! con¬ 
ductance of different electrolytes, ther{‘fore, would hi* accounted for hy a 
difference in the values of the constants A,, and B, and the differcait con¬ 
ductance curves should be transformable one into the other by merely 
altering the values of these eonsttints; or, if A« is ot herwise d(‘t.(‘rminedj 
by merely altering tlie value of the constant B. 
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Lorenz has tested the applicability of Hertz’s function to aqueous 
solutions of binary electrolytes and has concluded that this function is 
applicable. As has just been pointed out, this was to have been expected. 
It should be noted, however, that the value of A, according to Lorenz, 
differs appreciably for different electrolytes. This result may, in part, 
be due to the fact that the function has been applied at concentrations 
where the viscosity effects become appreciable. 

It is evident that Hertz’s function will not be generally applicable 
to solutions in non-aqueous solvents, certainly not unless the value of 
A is assumed to differ largely for different electrolytes. Furthermore, it 
will bo entirely inapplicable to solutions in non-aqueous solvents of low 
dielectric constant at higher concentrations. It is evident from Equation 
126 that the factor of w® is essentially positive so that Ao — A must 
necessarily increase with increasing concentration. It is known, however, 
that, in solvents of low dielectric constant, the value of A passes through 
a minimum, after which the value of Ao — A decreases with increasing 
concentration. This theory, like others of its kind, is at best restricted 
in its applicability. As yet it has not been compared with experimental 
data in a sulhcicnt number of solutions to make it possible to form a 
clear opinion as to the range of its applicability. In any case, it is in¬ 
applicable to solutions in solvents of very low dielectric constant, even 
though these solutions may bo dilute. Here again, as in the case of 
Milner’s theory, the difference in the behavior of strong and weak elec¬ 
trolytes remains to be accounted for. 

4. Miscellaneous Theories. A great many other theories have been 
suggested to account for the behavior of electrolytic solutions. In gen¬ 
eral, these theories have not been worked out sufficiently to comprehend 
within their scope more than a limited number of properties of a limited 
number of systems. Many of them, indeed, are purely qualitative in 


character. 

To acaanmt for the increase in the conductance of solutions of elec¬ 
trolytes in solvents of very low dielectric constant, Steele, Macintosh 
and Arcliibald have suggested that at higher concentrations the elec¬ 
trolyte polymerizes, and that only these polymerized molecules are capa¬ 
ble of ionization. They show that, if a sufficient degree of polymerization 
is assumed, an ionization curve is obtained somewhat similar in form to 
that of ordinary electrolytes in aqueous solution. Thus far, this theory 
is purely qualitative in character and an exact test of its applicability 
is therefore not possible. We should expect, however, that if only 


•’» I.on-n* and Mnd.ncl, yAschr. /. anorp. Chem. J/6 101 (1021) ; Lorenz and Nen, 
ibid., m, in (1021) ; Lorenz ‘cid Osswald, ibid., m, 209 (1920). 

Steele, Macintosh and Archibald, PMl, 'Irana. [A] Wo, 99 (190o). 
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polyrncrizcd ib()1c(‘iiIc\s wcto captihlt* iufc*rnu‘(liti{c ions 

would be present in solution :uul fransforonro^ na‘:i>ureiniaits with such 
solutions, therefore, should yiehl very ahnonnal values ter th(‘ transfer- | 
ence numbers. While eertaiu traiisU'nana* numljers an* inufuesticmably 
abnormal and while it is indt*t*d very pr<»habh* that polyiia/rizafion often 
occurs in solutions of electrolyte's in solvents ot both high and low dielec¬ 
tric constant, it remains to be shown that the pht*nonu*no!i is a general 
one and that it is capable of actamnting for tin* (d)sc*rv«*d properties of 
electrolytic solutions. Nevertheless, it is higlily pn^l)al>lt‘ that the effect 
of polymerization will have to he taken into aca-onnt in many (‘uses at 
higlier concentrations. It appears, ln»wt*V(*r, that pol}'na*rizatio!i should 
lead to a lower rather than to a higher value (jf the eonductanee. Trans¬ 
ference measurements with the alkali nu'tal lialides in aeetoiic yield 
abnormally high values for the cations, iiniicating the formation of a 
complex cation. It is to h(* nottai, Inma/vcr, that the condindance of the 
halide is tlie. lower the gn‘{it(*r its tc*ndeiiey to hn'm eomplexes. dims, the 
conductance of lithium chloride in ac(‘ttme at higher t*{>neenf rat ions is 
much lower than that of ])olassium iodide or sodium itniidix dliat com¬ 
plex ions are formed in soluticms of (‘admium ioditlt* in water was shown 
by Hittorf, as hits alnnidy l>een pointed out. Hk* as-unn**! ionization 
process in solutions of electrolytes is in a large im-astire hypothcTical. 
This may account for numerous discrepancies at Idghi'r ctnea'nfrai ions. 

OtluT writers considc'r solutions of strong (dertrol\'tes to lx* similar 
to solutions of colloids. Among these an* Ibychler, ’** t ieorgi<‘vics and 
Wo. Ostwald."'^ d'hes(‘ theori(‘s, hnwe\'('r, appear tn hi* lifth* mon* than 
analogous, based cliietly upon the similarity between the Storeh e(|nation 
and the adsorption ecpiation. Tin* Storeh e(|nati(in is only an approxima¬ 
tion in acpieous solutions whicli, in other solv<*nis, fails enfirely. The 
osmotic effects in solutions of electrolyti's. also, are lail in liarnusny with 
the view thtit solutions of strong (‘h*ctndyi<- art* colltuilal in cliaiaudtT. 

Some writers aitcanpi to ac(‘ount for thi* propi‘iii<‘s of aqn«*ous solu¬ 
tions by taking into ac'count reaediims hi-tween the solv<*nt ami tin; elec¬ 
trolyte. In this connection, it is ((» lx* noted that electroiyfic solutions an*, 
not confined to solvents of the wa(i‘r type. Indeed, Mich solvents need 
not necessarily coiit.ain hy<lrogen ami, in fact, may he elenxaitary sub¬ 
stances, or neutral carbon compounds smdi as ehloroform. In view of 
this fact, it is higlily im])robal)le that tlie prop(‘rfies of eie<-t rolyt ie solu¬ 
tions may be generalty a(‘counte<l hu- (ui the basis of cbomical |>roc(‘sscs 

32 Reycbler, “Etude sur rEquilibn* <le I)issociatiun,” nruMiurc No. Itruxclir;; (UOTi, 
H. Lamortin. 

33 GcorgievicK, Ztschr. f. pln/H. e7<rm. VO, C.^c, fnnr*». 

3^0stwaltl, Ztochr. OJumu. htd. Kail. 1S‘) (laiU. 
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taking place between the solvent and the dissolved electrolyte. But 
here, again, there are doubtless many instances where interaction between 
the electrolyte and the solvent or an added non-electrolyte is a primary 
factor in the ionization process, particularly at higher concentrations. 

5. Recapitulation. In recapitulation, solutions of strong electro¬ 
lytes, even at low concentrations, do not conform to the laws of dilute 
systems. The thermodynamic properties of these solutions can not, 
therefore, be employed for the purpose of determining the state of the 
electrolyte in these solutions. The conductance method might be ex¬ 
pected to give a measure of the fraction of the ionized and un-ionized 
molecules present. However, the fact that the relative conductance of 
the ions of strong acids varies at low concentrations renders the results 
of the conductance method doubtful. 

The hypothesis that electrolytes are completely ionized up to fairly 
high concentrations lacks experimental support. The agreement of the 
hypotlicsis with the consequences of thermodynamic principles can not 
be looked upon as lending material support, since thermodynamics can 
teach us nothing with regard to the molecular state of a system without 
a supplementary hypothesis which directly or indirectly involves the 
equation of state. The fact that the law of mass-action is approached 
as a limiting form in aqueous solutions of weak electrolytes and in non- 
aquoous solutions of all electrolytes for which reliable data are available 
indicates that, if strong electrolytes in aqueous solution are completely 
ionized, this constitutes only a particular case and the general problem 
still remains to be solved. 

Any theory whic.h undertakes to account for the decreased conduct¬ 
ance of el(!ctrolytes at liigher concentrations, on the assumption that the 
c.onductanc.e changii is due to a change in the speed of the ions, must 
likewise account for thc! fact tliat, in solvents of low dielectric constant, 
tlic conduidancc! passes through a minimum value after which it increases. 
'I'liis point may lie at relatively low concentrations. 

Tlic! tlieories of electrolytic solutions thus far advanced are founded 
chiefly on observations relating to aqueous solutions. There is great 
danger, here, tluit ])lienomcmi may be assumed as general which, in fact, 
are only i>art.icular. It is of the greatest importance to analyze the 
results obtained from a study of thc properties of solutions in various sol¬ 
vents in order to delenninc which of these are general, applying to all 
electrolytic solutions, and wliicii arc particular, applying only to solutions 
in ccrtaiti solvents or under certain conditions. Aqueous solutions are 
characterized by thc uniformity of thc phenomena presented by different 
electrolytes. In other words, thc electrolyte, in aqueous solution, has. 
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in a large measure, lost its individuality. This is not true of solutions I 
in other solvents. Here the electrolyte retains its individual character¬ 
istics even at very low concentrations. It is intere.sting to note that, at I 
higher temperatures, certain of the individual properties of electrolytes 
in aqueous solution disappear while others make their appearance. Thus, I 
the ionic conductances approach one another at higher temperatures, I 
while the ionization values diverge tlie more the higher the temperature. 4 
It is not to be doubted that the properties of aciueous solutions at higher ! 
temperatures closely resemble those of non-a(iuc:-ous solutions under 
ordinary conditions. 

It is not unlikely that, in the end, many of the theoric.s, which have 
been suggested from time to time and found inapplicable, contain certain 
elements of truth. The error has been introduced in attempting to apply, 
generally, theories which are applicable only to special cases. It appears 
probable that, ultimately, it will be necessary to take into account, under 
various conditions, a change in the speed of the ion.s with concentration as 
well as a change in the degree of ionization. At thc- same time! there will 
doubtless be found many cases in which intermediate ions are formed and 
in which the electrolyte polymerizes. Yet there is found, in all electro¬ 
lytic solutions, a certain unity among the phenomena, which indicates 
the existence of a comparatively small number of chief governing factors. 


Chapter XIII. 

Pure Substances, Fused Salts, and Solid Electrolytes 

1. Substances Having a Low Conducting Power, In the preceding 
chapters, the properties of solutions of electrolytes have been discussed. 
We shall now consider, briefly, the properties of pure substances in the 
liquid state. Nearly all substances in the fused condition exhibit a 
measurable, though often small, conducting power for the electric cur¬ 
rent. Even such substances which we ordinarily class as insulators con¬ 
duct the current in some degree. What the nature of the conduction 
process is in these substances has not been shown, but in all likelihood 
the process is an ionic one; that is, the current is carried by particles of 
atomic or molecular dimensions. A typical example of this class of con¬ 
ductors, or perhaps more properly insulators, is found in the hydrocar¬ 
bons. It has been shown that the conductance of substances of this type 
is materially affected by the presence of small amounts of impurities. 
The specific conductance of nearly all poorly conducting substances is 
materially decreased by careful drying and fractionation. Evidently, 
therefore, in part at least, the conductance of this class of substances is 
due to the presence of other substances, as a result of which their con¬ 
ductance is materially increased. We have, however, no knowledge of 
the nature of the charged particles by means of which conduction is 
effected. 

In the case of petroleum ether and hexane, it has been found possible 
to carry the process of purification so far that the effect of impurities is 
almost entirely eliminated. It has been found that the residual con¬ 
ductance in these solvents is chiefly due to the action of radiations from 
surrounding bodies, as a result of which the solvent itself is ionized.^ 
The conductance under these conditions was found to be altered by sur¬ 
rounding the conductance vessel with screens which absorb the external 
radiation. The conductance of pure hexane, therefore, is lower than that 
due to the ions produced by the radiation from surrounding bodies and 
it is possible that the conductance of this substance is in effect zero. 
Under ordinary conditions, the conductance of the hydrocarbons is due 
primarily to impurities. 

Ann, d. Pliys. 32, 148 ( 1910 ). 


351 


352 


PROPERTIES OF ELECTRICALLY CONDUCTING SYSTEMS 


Recent investigations on the conduction process in solid dielectrics | 
have disclosed the fact that in tlicse media Ohm’s law is not obeyed* i 
The substances investigated were mica, gla^s, paraffin, sliellac and cellu- I 
loid. Excepting paraffin, for which the conductance was so low that the f 
results were uncertain, the conductance was found to increase with the 
applied potential. The logarithm of the specific, conductance increases 
approximately as a linear function of the potential gradient. In the case 
of mica, with which substance measurements were made over a large f 
range of potential, tlio conductance curves arc slight ly com-ave toward the j 
axis of potentials. In the case of glass the conductance increase at higher | 
temperatures was found to be noticeably smaller than at lower tempera¬ 
tures. 

Since Ohm’s law docs not hold, it must be as.sumcd eitlier that the 
number of carriers increases with the applied potential or that the mean 
speed of the carriers increases. It is not improbable that, under the 
action of the applied potential, carriers of a type differing from those 
normally present in the dielectric medium may be formed. It is of par¬ 
ticular interest to note that in glass, which is an elec-trolyte at higher 
temperatures, the above mentioned results indicate a conduction process 
differing from that at higher temperatures. 

Compounds of hydrogen with elements which are strongly electro¬ 
negative arc in general ionized to a slight degree. The most familiar 
example of this type is water itself, which in the pure state has a specific 
conductance in the neighborhood of 0.012 X lO ''.'-''' Other hydrogen de¬ 
rivatives of strongl}' electronegative groups likewise app<‘ar to conduct 
the current in the pure state, some of them much more readily than 
water. The specilic conductance of formi(; acid appears to lie in the 
neighborhood of lO"'’. In thcs(! ca.ses, however, the process of purification 
has not been carried to such a point that it can with certainty be stated 
that the residual conductance is ent.irely or chieliy <lue to the ionization 
of the solvent alone. In the case <if hydrogen (leri\‘at.ives, in which the 
hydrogen is not joined to a strongly electronegative group, the residual 
specific conductance is as a rule relatively low ami it is as yet. uncertain 
to what the residual conductance is due. Acetone, for (example, may be 
purified to a point where its specific conduct ance is of the order of 10‘“, 
but whether this residual conductance is due to acetone itself or to some 
impurity is unknown. The same obviously holds true of solvents which 
contain no hydrogen, su(di as .sulphur dioxide, In'omine, etc. 

The hydrogen derivatives of the strongly electronegative groups are 


* Poole, Phil. Mag. Jt2, 4S8 (11)21). 

KohlrausclJ and Xleydweiller, A7in. d. Phya. 8J, 2UU (181)4). 
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perhaps to be classed as salts. In other words, these compounds should 
be classed, not with the ordinary hydrocarbons, but rather with the dis¬ 
tinctly salt-like substances. These derivatives, when dissolved in water, 
or other suitable solvents, yield solutions which conduct the current with 
great facility and which often form compounds with the solvent. Hydro¬ 
chloric acid forms a stable complex, ammonium chloride, with ammonia; 
and with water at low temperature it has been shown to form a complex 
HCI.H 2 O.® In water itself, therefore, hydrogen and hydroxyl ions do 
not consist merely of a hydrogen atom and an OH group associated with 
the positive and negative charge respectively, but rather of complexes in 
which the solvent itself is involved. In a sense, therefore, water and 
ammonia and hydrogen chloride may be considered to be related to salts. 
However, the typical salts in a fused state exhibit in most instances a 
conductance much greater than that of the substances which we have 
just been discussing. 

With a few exceptions, fused salts conduct the current with extreme 
facility. Among these exceptions mercuric chloride is one of the most 
common and striking examples. This salt is itself an electrolytic solvent 
for other salts, while its specific conductance in the pure state is very 
low.^ Correspondingly, solutions of mercuric chloride in other solvents, 
as for example water, appear to be only slightly ionized. This class in¬ 
cludes the organic tin salts of the type RgSuX. Trimethyltin iodide, for 
example, is a liquid at ordinary temperatures whose conductance is less 
than 4 X 10'^ This salt when dissolved in water is ionized nor¬ 
mally.*''' 

2. Fused Salts. Inorganic substances which are non-electrolytes in 
solution, in general, possess only a very low conducting power in the pure 
state. This, for example, is the case with boric oxide. On the other 
hand, oxides of the strongly electropositive elements appear to be con¬ 
ductors in the fused or even in the solid state. It is, however, the typical 
salts in their fused state which are of greatest interest. These substances, 
in general, conduct the current with extreme facility, by means of a 
purely ionic process, since, as has been shown, Faraday’s law applies. 

In Table CXXXV are given values of the specific conductance [x of 
sodium nitrate at different temperatures, together with the equivalent 
conductance A as calculated from the known specific volume, the fluidity 

of the fused salt F, and the ratio of the conductance to the fluidity 

3 Rupert, J. Am. (hem. ^oc. SI, 851 (1909). 

^ Foote and Martin, Am. Chem. J. Jfl, 45 (1909). , , -r 

“ llripublisbed obHorvationa by IVIr. C. C. Callis in the Authors Laboratory. 

® Goodwin and Mailey, Fhya. Rev. 25, 469 (1907) ; ibid., 26, 28 (1908). 
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TABLE CXXXV. 

Conductance and Fluidity of Sodium NniiAi’E A'r Different 
Temperatures. 


t 

(A 

A 

F 

A/F 

350° 

1.173 

52.87 

42.6 

1.24 

400 

1.384 

63.59 

54.0 

1.18 

450 

1.562 

73.15 

65.0 

1.12 

500 

1.716 

81.94 

77.2 

1.06 


It will be observed that the specific conductance ji, as well as the equiva¬ 
lent conductance A, increases very nearly as a linear function of the tem¬ 
perature. Obviously, the equivalent conductance will vtiry nearly in 
proportion to the specific conductance, since the dtuisity of the fused salt 
varies only comparatively little with tianpiu-ature. licdwcaai and 
500°, the specific conductance increases api)roximately (JO per cent, which 
corresponds rougldy to an increase of h<» per ctud. peu' d(‘gree. ddie fluidity 
varies somewhat more than the (‘onductaiR^e over the same temperature 

interval, so that, as the temperature rises, the valuta of the ratio de¬ 
creases. It is interesting to note that the value* of ^ is mair unity, which 

differs not greatly from the value of ^ for electrolytic solutions, par¬ 
ticularly in the case of water. This may la* tala‘n to indicjite that the 
fused salts are highly ionized. 

For different fused salts, the conductancti is of the sanu* order of 
magnitude, corresponding to the fact that tiny have approximately the 
same fluidity. In Table CXXXVI an* viven wilucs of fh<‘ spcc'itic con¬ 
ductance [X, the equivalent conductance A, and the ilnidily F, together 

with the ratio ^ for different salts. It will la* ol)st‘rved that the ratio 

TABLE CXXXVI. 

Values of A and F fur DiFFKUKN'r Fused Balts. 


It A F A/F 

350°C. NaNO, . 1.173 52.88 42.5 1.24 

“ KNO./. 0.0728 30.54 38.0 0.96 

“ AgNC),. 1.245 55.43 45.5 1.22 

310°C. LiNO, . 1.12() 44.21 27.2 1.62 

250°C. AgClO, . 1.4713 27.72 


A 

F 


is of the same order for the different 


In ih(* case of tla^ nitrates 


the ratio is smallest for potassium nitnite and greatest for lithium nitrate. 

The prder of the ratio ^ corresponds to the order of tlie atomi(‘. volumes, 
P 
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Jaeger and Kapma®® have measured the specific conductance and the 
densities of potassium nitrate, sodium nitrate, lithium nitrate, rubidium 
nitrate, caesium nitrate, potassium fluoride, potassium chloride, potas¬ 
sium bromide, potassium iodide, sodium molybdate, and sodium tung¬ 
state over considerable temperature ranges. At a given temperature, the 
equivalent conductance of the different salts is of the same order of 
magnitude. For the nitrates the conductance increases in order from 
caesium to lithium. For the potassium halide salts, the conductance is 
smallest for the fluoride and greatest for the chloride, while that of the 
iodide and bromide is intermediate between them. 

The conductance increases very nearly, although not quite, as a 
linear function of the temperature. The temperature coefficients vary 
appreciably, being greatest for potassium fluoride and smallest for 
caesium liitrate. 

The conductance of mixtures of fused salts is very nearly a linear 
function of the composition. In the following table are given values of 
the conductance of mixtures of sodium and potassium nitrates at 450°, 

together with the values of F and of y.''® It will be observed that as the 

concentration changes the conductance varies continuously between that 
of the two components. 

TABLE CXXXVII. 

Conductance of Mixtures op Sodium and Potassium Nitrates at 450°. 

0 20 50 80 100 molar % KNO^ 

[X .. 1.562 1.389 1.205 1.059 0.973 

A .. 73.15 67.84 62.56 57.96 55.03 

F .. 65.7 .. 66.3 63.3 60.2 

A/F .. 1.12 .. 0.945 0.915 0.915 

The fact that in the mixtures of fused salts the conductance is approxi¬ 
mately a linear function of the composition shows that no considerable 
reaction takes place on mixing. This indicates a high degree of ioniza¬ 
tion of the fused electrolyte. 

In Table CXXXVIII are given values of the conductance of mixtures 
of silver iodide and silver bromide at 550°.’’ Here, again, the conduc- 

TABLE CXXXVIII. 

Conductances of Mixtures of Silver Iodide and Silver Bromide. 

%AgBr 0 5 10 20 30 40 60 70 80 90 100 

p.... 2.36 2.40 2.39 2.41 2.43 2.50 2.64 2.67 2.68 2.84 3.00 

Jaeg('r and Knpma, Ztschr. f, Anorg. Chem. 113, 27 (1920). 

Goodwin and Mailey, loc. cit. 

’ Tubandit an<i I<orenz, Ztschr. /. phgs, Client- 87, 643 (1914), 
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tance varies continuously between that of the two components. It is 
true that a few irregularities occur, but these are small and probably lie 
within the limits of experimental error. The fused salts arc characterized 
by the great similarity in their behavior. As has already been pointed 
out, the order of magnitude of the conductance is the same for all typical 
fused salts. 

In the following table are given values of tlie conductance of thallium 
and silver salts at 600"^.® 

TABLE CXXXIX. 


Conductance of Thallous and Silver Salts at 600®. 


TII . 

.... 0.840 

Agl . 

.... 2.43 

TlBr. 

.... 1.127 

AgBr. 

.... 3.08 

TlCl. 

.... 1.700 

AgCl. 

. 4.16 


In both cases, the conductance of the salt increases in tlie order: iodide, 
bromide, chloride. The conductance of the silver salts is markedly 
greater than that of the thallium salts. 

A great many data are available relating to the (‘ondiudancc of fused 
salts,^ but, in view of the similarity in the behavior of the difftu’ent fused 
salts, it is unnecessary to give here in detail the various observations 
which have been recorded. Thus far, the subject; has IxMai studied chiefly 
from an empirical point of view and we possess l)ut little knowledge of 
the molecular condition of these substances. 

The form of the conductance curve of mixtiirc^s of sodium and potas¬ 
sium nitrate and of silver chloride, iodide* and bromidt^ indi(‘atcs 
that in these mixtures complex ions are not formed. In some other in¬ 
stances, however, there is a probability that comi)l(*x ions may (‘xist.^^’ 
This is the case, for example, with mixtures of potassium (diloride and 
lead chloride. Lorenz has carried out transference m{‘asur(‘m(‘nts which 
indicate that a complex of the type KoPbCl^ i^ i)robably fornuMl in the 
mixture. 

3. Conductance of Glasses. For want of a suitable rcfcrenc(i sub¬ 
stance, transference measurements with the fused salts have not been 
carried out, and as a consequence we lack any knowledge as to the pro¬ 
portion of the current carried by the two ions in these ele(‘trolytes. In 
a few instances, however, particular systems have been inv(‘stigated in 
which the current is carried entirely by either the positive or the nega- 

»Tubandt and Lorenz, loc. cit. 

»Lorenz, “Electrolyse gescbmolzcner Salzc, Moiiogranhi(!u u. Ang4‘W. Eleetrocb/’ ZO 
(1905). 

»<> Loren?:, Ztschr. /. phys. Chem. 230 (1010), 
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tive ion. Among those substances which may be classed strictly as fused 
salts are the glasses. A glass is to be considered as a supercooled liquid 
which is mechanically rigid. Usually, glasses consist of mixtures of 
silicates of the alkali metals and the metals of the alkaline earths. What 
the nature of the compounds is in these systems is not known. Doubt¬ 
less, the silica is present in the electronegative constituent. It is well 
known that ordinary glasses are excellent conductors of the current at 
high temperatures, the conductance increasing with the temperature. In 
general, the conductance-temperature curve is exponential in form. 

In the following table are given values of the resistance of ordinary 
soda-lime glass at different temperatures.^^ 

TABLE CXL. 

Resistance of Ordinary Soda Glass at Different Temperatures. 

Temperature C.... 325 355 404 469 484 500 540 

Resistance. 9200 1900 687 172 133 89 2.4 

It will be observed that, even at temperatures as low as 325°, glass con¬ 
ducts the current with measurable facility, while in the neighborhood of 
its softening point, 540°, it conducts extremely well. To what the great 
increase in the conductance of glass is due is uncertain. We shall see 
below that the ionization of a glass varies only little as a function of the 
temperature and consequently the increased conductance must be due 
to the increased speed of the ions. The nature of the frictional resist¬ 
ance wliich the ions meet in their motion through a glass is, however, 
uncertain. At temperatures below 400°, glasses of this type appear to 
be entirely rigid and consequently the increased conductance is not 
simply related to the mechanical rigidity of the glass. 

The conduction process in the case of the glasses is electrolytic in 
character.^^'^ If a current is passed through a glass tube from a sodium 
nitrate anode to a mercury cathode, metal is transferred from the sodium 
nitrate to the mercury through the glass in accordance with Faraday^s 
law and no change whatever takes place in the glass itself. This indi¬ 
cates that the conduction process in such glasses is due to the motion 
of the sodium ion and is not due to the motion of an electronegative ion. 
This type of conduction is characteristic of many rigid electrolytic con¬ 
ductors. Since positively charged carriers are present within the glass, 
it is obvious that negative carriers must likewise be present. The nega¬ 
tive carriers, however, must form a substantially rigid system, since they 
take no part in the conduction process. It is also evident that, in the 

Darby, Thesis, Clark University (1917). 
iittLeBlanc and Kerschbaum, Ztschr. f. phus. Chem. 72, 468 (1910). 
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case of the glasses, the ions consist of the atoms themselves, since, on 
passing a current through soda-lime glass, the only material transferred 
is sodium. This and similar cases are the only ones in which it has 
been definitely demonstrated that an electrolytic ion consists of a charged 
atom alone. 

In the case of glasses, it is possible to substitute the sodium ion by 
another positive ion.”” Such a substitution is, in effect, a determina¬ 
tion of the speed of the ions by the moving boundary method. Substitu¬ 
tion may be quite generally effected but, in the case of most positive ions, 
the glass disintegrates as the process proceeds. In the case of silver, 
however, a substitution may be carried out to a consi<lerable depth. If 
sodium is substituted by silver, the weight of the gla.«s is increased in 
proportion to the difference in the atomic weight of silver over that of 
sodium. In the following table are given values of t!ie gain in weight 
of a sample of soda glass, together with the values calculated from the 
amount of electricity passed as determined in a coulometcr.”® .The tem¬ 
perature is given in the first column. 

TABLE CXLI. 


Observed and Calculated Gain in Weight of Soda Glass on 
Substitution by Silver. 


Temperature 

350° 

350° 

343° 

343° 


Gain in Weight 
Calculated 
0.0339 g. 
0.0396 
0.0732 
0.0209 


Gain in Weight 
Observed 
0.0347 g. 
0.0416 
0.0702 
0.0209 


By measuring the penetration of the silver boundary into the glass 
under a given potential gradient, it is possible to determine the volume 
of the glass which has been afl'ec.ted, and, knowing the composition of 
the glass, it is possible to determine the fraction of .sodium in the glass 
replaced by silver. This has been done in the case of soda glass with 
the following results.’” 

TABLE CXm. 

Relative Amounts op Sodium Rei-laced by Silver in Soda Glass. 


t 

Y% 

278° 

76.5 

295° 

76.8 

323° 

77.05 

343° 

82.3 


Heydweiller and Kopfermann, Ann. d. Phya. S2^ 729 (1910). 
Darby, loc. oit. 
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While these values are not very precise, nevertheless, they clearly indi¬ 
cate that about three-fourths of the sodium present in these glasses may 
be electrolyzed out and replaced by another metal. The effective ioniza¬ 
tion of the sodium in soda glass, therefore, is of the order of magnitude 
of 75 per cent. This is apparently the only direct determination which 
has thus far been made of the relative amount of a substance actually 
concerned in the conduction process in an electrolyte. If so large a 
proportion of the sodium in soda glass is actually concerned in the con¬ 
duction process, it is reasonable to assume that the fused salts are very 
nearly completely ionized. It is interesting to note that, as the tempera¬ 
ture rises, the ionization of sodium in glass increases slightly. 

Since the penetration of the silver is determined solely by the rate 
of motion of the ions and since the conduction is due entirely to the posi¬ 
tive ion, it follows that the depth of penetration should be proportional 
to the specific conductance or inversely proportional to the specific resist¬ 
ance of the glass. This condition, is in general fulfilled. 

From the preceding data it is possible to calculate the speed of the 
sodium ion in glasses; that is, the speed with which this ion moves under 
a potential gradient of one volt per centimeter. In the following table 
are given values of the absolute speed of the sodium ion at different 
temperatures. 

TABLE CXLIII. 

i 

Absolute Speed of the Sodium Ion in Soda Glass at Different 

Temperatures. 


278° 

4.62 X 10-® 

295° 

1.46 X 10-' 

323° 

3.26 X 10-' 

343° 

5.9 X 10-® 


It will be observed that, as might be expected, the absolute speed of the 
sodium ion is relatively very low. On the other hand, corresponding to 
the greatly increased conductance of glass with increasing temperature, 
the speed of the sodium ion increases largely with temperature. 

4. Solid Electrolytes. Solid substances, both crystalline and amor¬ 
phous, conduct the electric current with more or less facility. In the 
case of the insulators, where the conductance is of an extremely low 
order, it is not unlikely that conductance is due to the presence of traces 
of impurities. The only substance for which this has actually. been 
shown is crystalline quartz, in which the conductance is due to the pres¬ 
ence of traces of sodium as impurityHere the current is carried by 

12 Warburg and Tegetmeier, Ann, d. Phys. 35, 455 (1888). 
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the sodium ion which alone is capable of motion in these crystals. The 
process of conduction appears to be entirely .similar to that in glasses. 

The typical salts, below their melting point, coiuluet the current, in 
some cases, with extreme facility. As a rule, the conductance increases 
with increasing temperature according to an exponential curve. The 
specific conductance may be expressed fairly well ns a function of tem¬ 
perature by means of the equation; 

(132) ji = a -f ht, 

where a and b are constants. In the following table are given values of 
the specific conductance of a few salts at tcnipcraturcs through their 
melting points.^* 


TABLE CXLIV. 


Conductance of Sai-t.s 

THHOUGH THK K 

1 Kl/n SG 

Point. 


TICi 


Ag(.;i 


t 


t 


P 

250° 

O.OOOOo 

2o() 


0.00030 

300 

0.(KK)24 

300 


0.0015 

350 

0.0(K)9 

3oO 


0.(M)B5 

400 

0.(K)37 

400 


0.02() 

427 (M.P.) 

4 no 
455 


0.11 

M.P. 

450 

1.17 

45(> 


3.76 

500 

1.332 

500 


3.91 

600 

1.700 

000 


4.16 


AgBr 


Agl 


f 

1 ‘ 




200“ 

(),()(M)52 

125 


O.lKlOll 

240 

().(H)23 

140 


0.()002() 

280 

O.OOIH 

I44.(> 


10.00034 

350 

0.08 


/1.31 

400 

0.38 

150 


1.33 

419 

0.51 

250 


1.78 

422 

M.P. 

350 


2.14 

425 

2.76 

450 


2.41 

500 

2.92 

550 


2.64 

600 

3.08 

552 


M.P. 



554 


2.36 



GOO 


2.43 



G50 


2.47 


Tubandt and Loronz, Zinchr. /. phtin. Clum. S7, bl.'j (I'll 4). 
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Fui. 62. Si)ccific Conductance of Silver Halides at Various Teinperatures Through 

Their Melting Points. 


The relation between the conductance and the temperature is shown 
graphically in Figure 62. In general, the conductance of the solid salt 
increases with temperature according to Equation 132 up to the melting 
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point, where a discontinuity occurs, a large incu'casc taking place on 
fusion. Silver iodide, however, forms an exception to this rule. This 
substance exhibits a transition point at 144.6^". Below this temperature 
the conductance of silver iodide increases with temperature in a manner 
similar to that of silver chloride and bromide. At tlie transition point, 
the specific conductance increases from a value of 3.4 x 10"'^ to 1.31. 
Beyond the transition point, the conductance of silver iodide increases 
slowly with the temperature, the temperature coefficient being not greatly 
different from that of fused salts, as may be seen from tlie figure. It 
will be observed, furthermore, that at the melting point the conductance 
of solid silver iodide is markedly higher than that of the fused salt, the 
conductance on melting decreasing from 2.64 to 2.36. Even at the tran¬ 
sition point, at a temperature as low as 144.6, tlie specific conductance 
of solid silver iodide is of the order of magnitude of that of fused salts. 
This is a remarkable phenomenon and shows that the power of con¬ 
ducting the current with facility is by no means restricted to the liquid 
state. Thus far, howevei’, silver iodide is the only solid salt whose con¬ 
ductance in the solid state has been found to be comparable with that 
in the liquid state far below its melting point. 

The conduction process in solid salts of this type is purely electrolytic, 
as follows from the fact that Faraday’s Law holds true within the limits 
of experimental error. In the following table are given the observed 
amounts of silver precipitated on electrolysis, together with the amounts 
of silver precipitated in a silver coulometer carrying the same current.^^ 

TABLE CXLV. 

Test op Faraday's Law in Solid I^leotkolytes. 

. Ag Ag 

Dissolved Precipitated 


Electrolyte 

Temperature 

at Anode 

in Coulometer 

% 

Dif. 

Silver Iodide. 

. 540° 

0.7212 

0.7139 

+ 

1.20 

U ii 

. 540 

0.5642 

0.5623 

+ 

0.34 

i( u 

. 150 

0.7841 

0.7804 

+ 

0.48 

it it 

. 150 

0.7767 

0.7706 

+ 

0.80 

Silver Bromide ... 

. 400 

0.5883 

0.5842 


0.70 

Silver Chloride ... 

. 430 

0.3779 

0.3751 

+ 

0.75 


■t 





i 

I 


' I 


\ 

i 


Considering the small amount of silver precipitated or dissolved and 
the difiBculty of carrying out the experiments, the agreement between 
the observed and the calculated values of the amount of silver dissolved 


^*Tiibandt and Lorenz, loc . dt . 
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at the anode is remarkably good. The applicability of Faraday’s Law 
has been further verified by Tubandt and Eggert.^^ There can be little 
question but that, in the case of these salts, Faraday’s Law holds true. 

By employing solid silver iodide above its transition point in contact 
with a silver cathode, Tubandt has found it possible to test Faraday’s 
law in the case of other electrolytes than the silver salts and, further¬ 
more, has been able to carry out transference measurements in order to 
determine to what extent the conductance in solid electrolytes is due to 
the positive and to what extent it is due to the negative carrier. It has 
been shown that for silver iodide, silver bromide, silver chloride, silver 
sulphide, above its transition point, and copper sulphide (CugS), Fara¬ 
day’s Law holds and that in these salts the current is carried entirely by 
the positive ion. These results are very significant in that they show 
that one set of ions in these solids forms a fixed framework through which 
the other ions move with considerable facility. In the above salts, the 
negative ions form the framework through which the positive ions move. 
In lead chloride, however, the current is carried by the negative ion; 
the positive ions form the framework through which the negative ions 
move. These facts have an important bearing on the theory of the 
structure of solid salts. 

Silver sulphide has a transition point at 179°. Above the transition 
temperature, as was shown by actual electrolysis of the salt, Faraday’s 
Law holds and the current is carried entirely by the positive ions. Below 
the transition temperature, the (3 form of silver sulphide appears to con¬ 
duct in part metallically. In the p form of silver sulphide, Faraday’s 
Law does not hold, only about 80 per cent of the current being carried 
by the silver ion. The negative ion in this case is apparently not in¬ 
volved in the conduction process, the remainder of the current being 
carried by a metallic process of conduction. Apparently, therefore, solid 
electrolytes exist in which the current is carried partly metallically and 
partly electrolytically. As we shall see in a subsequent chapter, solu¬ 
tions of the alkali metals in liquid ammonia likewise conduct the cur¬ 
rent by a mixed process. 

The conductance of a heterogeneous mixture of two solid electrolytes 
is approximately a linear function of the composition of the mixture. 
When two solid electrolytes form mixed crystals, however, the conduc¬ 
tance of the homogeneous mixture is often much greater than that of 
the pure constituents. In the following table are given values of the 

^“Tubandt and Eggert, Ztschr. f. anorg. Chem. 110, 196 (1920). 

10 Tubandt, Ztschr. f. Electroch. 26, 358 (1920). 






364 PROPERTIES OF ELECTRICALLY COXDUCTlXa SYSTEMS 

specific conductance p x 10® of mixtures of sodium chloride and potas- 
sium chloride at 570°.^^ 


TABLE CXLVL 

CONDUCJTANCE OF MIXTURES OF SoDIUM AND PoTASSIUM ClIIXlUIDE AT 570®. ^ 

% NaCl 0 10 20 30 40 50 00 70 80 90 100 * i 

^XIO® . 0.87 8.0 16.5 22.0 24.0 24.0 30.0 34.5 40.0 28.0 4.5 i 

i 

The conductance value of 0.87 for pure potassium eliloride at 570° 
has been calculated from the conductance values at somewhat higher ^ 
temperatures by means of Equation 132. It will be ob.'^ervcd that the i 
conductance curve exhibits a maximum in the neig;hborhood of 80 per 
cent of sodium chloride, at wliich point the conductance of the mixture 
is nearly ten times that of pure sodium chloride and forty times that of 
pure potassium chloride. Ai)parently, the maximum lies toward the 
side of that component which possess(‘S the higher conductance. Other 
systems of mixed crystals have yielded similar results. Apparently, ^ 
therefore, it is a general rule that the conductan{‘e of mixed crystals is 
much greater than tliat of the juire (‘omjxiiumts. 

In the case of mixtures of silver iodidi^ with silver bromide and with 
silver chloride, the eonducttincc-tcanjiertitun* curv(‘ of th(‘ r(‘sulting mix¬ 
ture exhibits discontimnti(‘s as a result of tin* p(‘(‘uliar nature of silver 
iodide.^^ Up to 80 per cent of silver bromidf^, a homogeneous phase re¬ 
sults initially, whose conductances <*urvi^ corrosponds with that of silver 
iodide above the transition t(*mperature of Mti.f) Appanait.ly, then, in 
these mixed crystals, the silvcT bromide is prosciit in a condition similar 
to that of silver iodide above its transition j)oint. Th(‘ ih'tails of the 
conductance curves of thes(‘ mixtur(‘s. iu‘(‘d not b(‘ dis(;uss(‘d furtJi(T here. 

It may be noted, however, that a study of (lu* (‘onduct aiic(‘ of various 
solid systems is capable of throwing light on th(‘ phase relations in these 
systems. 

It will be evident from the for(‘going discussion that solid electrolytes 
exhibit a marked variety of ])henomena which haxa^ an important hearing 
on our conceptions of the nature of tlui conduction proi‘t*ss, as well as 
upon that of the structure of solid salts. Tlw avtiilable data are as yet 
extremely meager, but it nuiy he exptadvd that, as this held is further 
developed, results of great value will be obtained. 

5. Lithium Hydride. Tlio conductance of lithium liydridii, both in 
the solid and in the liquid condition, litis lieen inv(‘s(agated by Moers.^^^^ 

Benratli and Wuinofl', Ztitchr. 1. ijhi/s. (‘hem. 77 (laiii 

^ Tubandt and Lorenz, loc. cit. ' ' 

^»Moers, Ztsvhr. /. anorg. Cluni. llll, 170 (1020). 
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In the following table are given values of the specific conductance of 
lithium hydride at different temperatures. 


TABLE CXLVII. 

Specific Conductance of Lithium Hydride at Different 
Temperatures. 


t 

1* 

t 


443° 

2.124 X 10-» 

661.5° 

2.018 X 10-2 

507 

2.113 X 10-^ 

685 

3.206 X 10-2 

656 

8.447 X 10-^ 

725 

7.596 X 10'2 

570 

1.491 X 10-* 

734 

1.125 X 10-^ 

697 

3.225 X 10-* 

754 

1.01 

638 

1.139 X 10-2 




The values of the specific conductance may be represented by means 
of a sum of terms in ascending powers of the temperature. It is interest¬ 
ing to note that the same equation applies both above and below the 
melting point of lithium hydride, which is 680°. Apparently, therefore, 
there is no discontinuity in the conductance of this hydride at its melt- 
ting point. This behavior is exceptional. 

This salt exhibits polarization when a direct current is passed through 
it, and it has been shown that, on the passage of the current, lithium is 
deposited at the cathode and hydrogen evolved at the anode. The cur¬ 
rent is therefore conducted by either one or both of the ions L^ and H". 
This salt, therefore, presents a very interesting case, not only in that the 
conductance of the solid is the same as that of the liquid at its melting 
point, but, also, in that hydrogen appears here as a negative ion. This 
is the only case so far observed in which hydrogen has been shown to 
function in this manner. 

The behavior of hydrogen in lithium hydride is thus very similar to 
that of certain metallic elements in their compounds with the alkali 
metals in liquid ammonia, referred to in a preceding chapter. We saw 
there that, for example, in a solution containing lead and sodium, lead 
is dissolved at the cathode and precipitated at the anode. In the pres¬ 
ence of very electropositive elements, less electropositive elements tend to 
take up negative electrons and function as anions. This dual function 
of many elements, which ordinarily act as cations, is very significant 
from the standpoint of the constitution of many compounds in which 
these elements are involved. 


Chapter XIV. 

Systems Intermediate Ihdwccm Mcdalli(^ and Electrolytic 

OnndiKdnrs. 

1. Distinctive Properties of MetnUic and Elretrohjtic Conductors. 
Substances which possess the power of eoiiduetinp: the electric current 
are, in the main, sharply divided into two edasses; namely, metallic 
and electrolytic conductors. The meinhtT.s of each of these two classes 
of conducting substances have many propertit‘s in eoinmon with one 
another, which properties seTve to distinguish iho nuanhers of one class 
from those of the other. It is in their optical and electrical properties 
that the members of the two (‘!asst‘s exhibit the greatc‘st contrast. While 
electrolytic systems, in g(*iu‘ral, an» tra!isj>arcaif, metallic systems are 
non-transparent and exhibit nH‘taIli(‘ r(*li(‘efi(m. hllectrolytic systenas 
conduct the current with flu* ac‘coni|)aniinc‘nt of material etTccts, while 
metallic systems conduct the current, without aft (aidant material effects 
of any kind. Nevertheless, I he view has lM‘on gradually gaining ground 
that the eondiiet.ion proc(‘ss in tin* two systems is similar in that conduc¬ 
tion is effect(‘d by the motion of charg(*d particles. W'liih^ w{‘ jiosscss a 
more or less compndiensivc* theory of tin* im^elianism wh(‘r(*hy the transfer 
of the charge is adeefed in electndyfi(‘ ^ysti-ms, a similar theory does 
not exist for metallic, systems. Such knowle(lg(‘ as w(* do |)ossess regard¬ 
ing the existence of charged jiartieles in metals is founded chiefly on 
observations on tlie properties of nu‘tals otla'r than those* n^lating imme¬ 
diately to the condueiion prota^ss. There exists liiih; direct evidence 
showing tliat the jiassagc? of tin? current through the imdals is effected 
by the motion of charged |)articles. 

The great difliculty in tin* way of a dina*! aitatfle on the pnjblem of 
metallic conduction lies in tlu* ahsiina* of mat (‘rial (‘fha'ts acianiiptinying 
the passage of the current. In addition, tlH‘n‘ has hiaai a complete lack 
of systems exhibiting pro])erti(*s interimaliati! between thos(j of metallic 
and elcctrolyticj conductors, (’onducting systtans fall sharply into 
one of two classes; nam(‘Iy, nudallit^ and ehaUnflyti{‘ (ainductors. In 
recent years, however, a class of solutions has l>(a‘n subjec.ted to investi¬ 
gation which appears to lu’idge tin* gap h(*tween metallic and eIe(‘trolytic 
conductors; in other words, which exhihits propert ies, on the one hand, in 

iIGG 
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common with those of metallic systems and, on the other hand, with 
those of electrolytic systems.^ These are solutions of the alkali metals 
and the metals of the alkaline earth in liquid ammonia and organic 
derivatives of ammonia. In order to make clear the bearing of these 
solutions on the problem of metallic conduction, it will be necessary to 
discuss in some detail the properties of these solutions of the metals in 
liquid ammonia. 

2 . Nature oj the Solutions of the Metals in Ammonia. The alkali 
metals are extremely soluble in liquid ammonia, yielding solutions whose 
external appearance depends upon their concentration. Dilute solutions 
of the alkali metals, as well as of metals of the alkaline earths, exhibit a 
fine blue color, whose absorption for all wave lengths is relatively 
great.^®- At higher concentrations, the solutions possess a marked re¬ 
flecting* power for all wave lengths. Very concentrated solutions exhibit 
distinct metallic reflection of a color intermediate between that of copper 
and gold. Among the earlier investigators of these solutions there was 
much discussion as to whether the metal exists in solution as such or as 
a compound with the solvent. Cady ^ showed that these solutions are 
excellent conductors of the electric current and that in concentrated 
solutions the passage of the current is characterized by the absence of 
polarization effects at the electrodes. Finally, it has been shown that, 
in the case of the alkali metals, stable compounds between the metals 
and the solvent cannot be separated from these solutions.^ While com¬ 
pounds between the metal and the solvent may exist in solution, such 
compounds, if they exist, possess little stability as follows from the low 
value of the energy changes accompanying the process of solution. In 
the case of the metals of the alkaline earths, however, it has been shown 
that compounds may be separated from solution, in which the metal is 
combined with ammonia. Kraus has prepared the compound Ca(NH 3 )o 
and recently Biltz ^ has prepared the compounds Ba(NH 3)6 and 
Sr(NH 3 )e. These compounds possess a metallic appearance, resembling 
that of the concentrated solutions of the metals in ammonia. 

Kraus has determined the vapor pressure of solutions of sodium in 
liquid ammonia, from which he calculated the molecular weight of the 
metal in these solutions. Since the molecular weight can be determined 
only in dilute solutions, where the properties of the system are approach¬ 
ing those of an ideal system, it follows that molecular weight determina- 


1 Kraus, J. Am. Chcm. Soc. 29, 1557 (1907); iUd., 30, 653, 1157 and 1323 (1908) ; 
ibid., 36, 864 (1914) ; ibid., JfS, 749 (1921). 

Gribson and Argo, J. Am. Ohem. Soc. J{0, 1327 (1918). 

=* Cady, J. Phys. Chem. 1, 707 (1897). 

“Kraus, J. Am. Ghem. Soc. SO, 653 (190S). 

Ztsclir. /. mectroch. 26^ ?74 (1920), 
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tions are always more or less in doubt. However, if the molecular weights 
are determined at a series of eoiieentrutiuns, it is |)ossible to draw an 
inference as to the limit approached, as tlie <*()ncentration of the solution 
decreases, from the manner in which the appanmt molecular weight 
varies as a function of the concentration. In the following table are 
given values of the apparent moletailar weight of sodium dissolved in 
liquid ammonia at different concentrations, and in Figure 63 are shown 
these values plotted as ordinates agtiinst tliC logarithms of the concen¬ 
trations as abscissas. 

TABLE CXI.VIIL 

Apparent Molecular WEidiiT of Sodiuim in Ammonia at 
Diffbuient Concb^ntrationr. 


c 

Apparent Mol. Wt. 

C 

Apparent Mol. Wt. 

2.903 

32.23 

0.3665 

25.31 

1.841 

30.70 

0.3587 

25.27 

1.220 

29.06 

().26){)9 

23.53 

0.9910 

28.80 

0.2516 

23.43 

0.9038 

28.46 

0.22(;i 

23.41 

0.5614 

26.39 

0.1565 

21.62 

0.5558 

26.47 

0.1519 

21.58 

0.4104 

25.36 




It will be seen that, as the concentration decn‘ascs, the cahnilated value 
of the molecular weight decr(‘as(‘s wry nearly as a lin(‘ur function of 
the logarithm of the con(*entration ov<‘r the rangers of conctaitration 
investigated. It is not possil)h‘ to slate what vidue the, mol(‘(*ular weight 
approaches as a limit, but it is (‘vident that tlu* limit ai>i)r()ached has a 
value less than 23, th(‘ atomic^ weight of sodium. It appears, thendore, 
that sodium dissolved in li([uid ammonia (*xisfs in an [itomi(‘. condition 
and it is probable tliat the limit, w'hich the moh‘cular weight approaches, 
has a value less than the atomics weight of sodium. This indicates the 
presence of a molecular sjH‘(‘ies other than the so(iium atom in these 
solutions. While similar mol(‘niIar weight determinations hav(‘ not been 
carried out in solutions of metals (Rher than sodium, nevertheless, in 
view of the similarity of the ])roperties of solutions of iliet diflVnait metals 
in ammonia, it is highly ]>robabIe that the siati^ of ilu'se metals differs 
little from that of sodium. 

3. Matc7''ial Effects Acrotfipdiujifuj the Cicrn nl, d'he criterion for 
determining whether a given subs.t aiu‘e is a met allies or an electrolytic 
conductor is the absen{‘e or exist en(‘e of material eff(‘(‘ts accompanying 
the passage of the current. In dilute solutions of the metals in liquid 
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ammonia, it has been definitely established that material effects accom¬ 
pany the current through these solutions. The existence of such effects 
is readily observed as a consequence of the characteristic color of these 
solutions. If a current is passed between two platinum electrodes in 
dilute solution of sodium or potassium in liquid ammonia, it is found 
that the color in the immediate neighborhood of the cathode is intensi¬ 
fied. This result is obviously due to the fact that, as the current passes 
through the solution, the metallic element as an ion, either simple or 
complex, is carried up to the cathode. The electrolytic character of the 



Fig. 63. Apparent Molecular Weight of Sodium in Liquid Ammonia at Different 

Concentrations. 

conduction process in dilute solutions of these metals in liquid ammonia 
is therefore established; the metal is associated with the positive ion. 
Taking into consideration the great tendency of the alkali metals to 
act as positive ions, it is probable that in these solutions the metals are 
present, in part at least, as charged atoms which do not differ from the 
positive ions of salts of the same metals dissolved in the same solvent. 
If positive ions are present in these solutions, then, obviously, nega¬ 
tive ions must be present likewise. So far as may be observed, when a 
current passes through a solution of a metal dissolved in liquid ammonia, 
no material effect occurs at the anode, save that the concentration of 
the metal in the immediate neighborhood of this electrode is diminished. 
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In dilute solutions, tins effect is very pronouiu'CHl tind, in the immediate 
neighborhood of tiie anode, the solvent a|)iH‘ars t(> bi* (‘omplctcly freed 
from the metal, since the solution becomes, colorless tind transparent. 
No reaction of any kind appears to take* i>lac(‘ at tlic anode surface, no 
gas is evolved, nor is any manner of deposit ol)S(‘rval)le. On subjecting 
a solution of sodium in ammoniti eontain(‘d in a r-shai)t‘d tube to ex¬ 
tended electrolysis, the metal may be completely rtanoved from the 
anode limb and transferred to the imnu^fliati^ mngliborhood of the 
cathode surface. In this, no actual loss of the' metrd o(*curs, since on 
reversing the current, or on mixing the solution by shidving, the original 
solution is reproduced. Apparently, tiiert‘fort% thi‘rt‘ is present in these 
solutions a negative carrier whose passage into tla* anodt‘ leaves behind 
it no observable material effect. The nature of the? phenomenon is not 
appreciably altered if another metal is employc*rl in place of sodium. 

We commonly associate the chara(‘ti*ristic m(*ttiiru* ])ropcrties of a 
substance with the atoms of this subsian(*e; and, in the case of com¬ 
pounds, we associate metallic projiertics with the ck‘ctropositive con¬ 
stituent. A brief consideration, however, will st/rve to show that this 
conception is erroneous, and that the electruposiiive constituent of a 
compound is entirely nonmetallic in its ch:tracf(*r. Tlu‘ midals owe their 
characteristic metallic j)ropcrties, not to tin* (*h*(‘fropositive constituent 
present, but, rather, to a common electrnncgati\‘c c«ni>f ituent. If a solu¬ 
tion of potassium in licpiid ammonia, which has a chara(*tcristi(* color, 
is placed between two sohitions of potassium anfalc, which arc trans¬ 
parent, then, on passing a curnait through this system (d’ solutiotLS, the 
motion of the color indicates tlu* din'ction in whifdi the fret! metal is 
transported under the action of tii(‘ current. If th(‘ characteristic prop¬ 
erties of a solution of poia.‘--siinn in amnaaiia w<'n‘ duo primarily to the 
presence of an electrop{.>sifive (‘onsiituent, then \vi‘ should (‘xp(‘ct that 
the color would move toward the c.athodta It has hotui found, however, 
that, actually, under thcj--c t‘ondilions, the (ajhir moves toward th(^ anode. 
As has been shown, potassium in Ii(iuid ammonia solufitms is as.sociatcd 
with the cation and moves toward tlu‘ cathode. If. foUow.s that the 
transfer of the free metal in the soluiitui, placed helwt‘en fiat two solu¬ 
tions of potassium amide, is (dlecieil by means of the negative carrier. 
In passing a current through a systeiii of tlu* type descril)i*d ;d)ov(‘, there 
is no indication that anything takes place as the positive, ions pass from 
the potassium solution into the ^(^iution of jHJtas-ium amide, save that 
the color boundary gradually moves in a direetion opp{K‘-:it(! to that of 
the positive current, that is, towanl the anodm It is |)robal)le, there¬ 
fore, that the positive ion in a .solution of metallic potassium in liquid 
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ammonia is identical with the positive ion of a solution of potassium 
amide in this solvent. In other words, there is present in a solution of 
metallic potassium a positive carrier identical with the positive carrier 
in potassium amide. 

The positive carrier, then, in a solution of a metal in liquid ammonia, 
is nothing other than the normal ion of this metal and its properties in 
the metal solution differ in no wise from its properties in a solution of 
its salts. On the other hand, it is evident that, as the negative carrier 
moves toward the anode from the potassium solution to the potassium 
amide solution, free metallic potassium, that is, metallic potassium not 
chemically combined, is carried in the direction of the negative current 
toward the anode. The metallic properties of the solutions of the alkali 
metals in ammonia, therefore, must be due, primarily, to the negative 
carrier, and since free metallic potassium is present in that portion of 
the solution where blue color is present, it follows that this metal is 
generated by interaction between the potassium ion of the potassium 
amide solution and the negative carrier present in the solution of metallic 
potassium which, under the action of the potential gradient, moves into 
the potassium amide solution. This negative carrier, which in all like¬ 
lihood is identical with the negative electron, is the essential metallic 
constituent of metallic substances. 

There evidently exists in a metal solution an equilibrium of the type 

= M^e, 

where M'' is the metallic ion, c is the negative ion (negative electron) 
and Me is the neutral metallic atom. In the amide solution, as is well 
known, there exists an equilibrium according to the equation: 

= MNH^. 

It is evident that, as the negative carrier e” is carried into the metal 
amide solution, equilibrium establishes itself between this carrier and the 
other molecular species present. In other words, the reaction takes place: 

+ e" = Me. 

The total amount of free metal in the solution at any time is e’ + Me. 
To what extent the metal atoms are ionized into normal positive ions 
and negative electrons will appear below. 

4. The liclativG Speed of the Carriers in Metal Solutions. If the 
conduction process in metals consists essentially in a transfer of charge 
due to the motion of the negative carriers, since no material effects are 
observable at the boundaries between different metallic conductors, it 
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follows that the negative carrier in all metals is the same. If this is 
true, and if the negative carrier in the solutions of the alkali metals in 
ammonia is the negative electron, then those properties of these solu¬ 
tions which depend upon the negative carrier should be the same in 
solutions of different metals. In how far this is true we shall see pres¬ 
ently, since many of the properties of these solutions have been analyzed 
in terms of their ionic constituents. 

Since the solutions of the metals in ammonia are ionized, the prob¬ 
lem of determining the nature of the conduction process may be attacked 
in a manner similar to that employed in the case of ordinary electrolytic 
solutions. It is possible, in the first place, to determine the relative 
amount of the current carried by the two ions under given conditions. 
For this purpose, transference measurements might be carried out, the 
concentration changes resulting when a given quantity of electricity 
passes through the solution being determined. This experiment is diffi¬ 
cult of execution, and consequently recourse has been had to another 
method, the results of which, although they are not as conclusive as 
direct transference determinations, nevertheless make it possible to 
determine the general order of magnitude of the quantities involved. The 
electromotive force of a concentration cell with liquid junction is given 
by the equation: 


2nIiT 

F 


log 




from which the value of n, the transference number, may be determined, 
if the electromotive force E and the concentrations CiYi and C 2 Y 2 are 
known and if the laws of dilute solutions are applicable. Judging by the 
results obtained in solutions of ordinary electrolytes, this equation yields 
results which are approximately correct. In the case of a concentration 
cell which consists of two platinum electrodes placed in metal solutions, 
having concentrations and Cg, the work is due to the transfer of n 
mols of sodium per equivalent of electricity from the concentration 
to the lower concentration Cg. The cell is similar to that of a salt solu¬ 
tion with reversible anodes, n is obviously the fraction of the current 
transported by the positive carrier in the solutions. 

In Table CXLIX are given values of the electromotive force of con¬ 
centration cells at different concentrations—the ratio of the concentra¬ 
tions of the two solutions was approximately 1:2—-together with the 

transference number n of the cation and the ratio 


n 
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TABLE CXLIX. 

^ ^ 

E.M.F. OF Concentration Cells and Valdes of n and-for 

n 

Solutions of Na in NH 3 . 



E X 10^ 

71 

1 —n 

n 

0.870 

0.080 

0.00359 

277.6 

0.732 

0.328 

0.0109 

90.6 

0.335 

0.620 

0.0231 

41.2 

0.164 

0.72 

0.0291 

33.4 

0.081 

0.86 

0.0336 

28.8 

0.040 

1.07 

0.0385 

25.0 

0.020 

1.38 

0.0575 

16.4 

o.olo 

1.80 

0.0704 

13.2 

0.005 

2.60 

0.0980 

9.2 

0.0024 

3.40 

0.125 

7.0 


^^ 

In Figure 64 are shown values of the ratio -; in other words, the 

n 

ratio of the charge transported by the negative carrier to that transported 
by the positive carrier. On examining the table, it will be seen that, for a 
given concentration ratio, the electromotive force increases as the con¬ 
centration decreases. At higher concentrations, the electromotive force 
decreases very rapidly with increasing concentration and ultimately be¬ 
comes extremely small. Referring to the figure, it is seen that at low 
concentrations the ratio of the carrying capacities of the two ions ap¬ 
proaches a limiting value; that of the negative carrier being approxi¬ 
mately seven times that of the positive carrier. As the concentration 
increases, the relative amount of current carried by the negative carrier 
increases, at first slowly and then more and more rapidly. In the neigh¬ 
borhood of normal concentration, the current carried by the negative 
carrier is several hundred times as great as that carried by the positive 
carrier. As we have seen, the positive carrier in a sodium solution is in 
all likelihood identical with the positive ion of a sodium salt. As Frank¬ 
lin and Cady have shown, the speed of this ion varies only little with 
concentration. The increased carrying capacity of the negative ion at 
higher concentrations must, then, be due to an increase in the mean 
speed of the negative carriers. 

It is a noteworthy fact that the carrying capacity of the negative 
carrier in dilute solutions is much greater than that of the sodium ion. 
The speed of the negative carriers in these solutions must therefore be 
much greater than that of the sodium ion. The speeds of the different 
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ions of salts in ammonia solution, as we have seen, do not differ greatly. 
This indicates that the negative carrier in the metal solutions is of rela¬ 
tively small dimensions. Nevertheless, if the negative carrier in these 
solutions were the negative electron unassociated with matter, we should 
expect a much greater value. It is known, however, that, owing to elec¬ 
trostatic action, a charge placed in a fluid medium tends to condense 
about it an atmosphere of the surrounding molecules. In gases at higher 
pressures, the speed of the negative carrier is as low as, and often lower 



Fig. 64. Relative Speed of the Negative and Positive Ions of Sodium in Liquid 
Ammonia at Different Concentrations. 

than, that of the positive carrier and it is only at low pressures that the 
negative carrier in gases loses its envelope of surrounding molecules 
and acquires a high speed. It is not surprising, therefore, that the nega¬ 
tive electron in liquid ammonia should possess a speed comparable with 
that of ordinary ions. At higher concentrations, however, as is indicated 
by the increased carrying capacity of the negative ion, the size of the 
surrounding envelope evidently diminishes and, indeed, it has been shown 
that some of the negative carriers are completely unassociated with 
ammonia. 

If the negative carriers are associated with ammonia, then obviously, 
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ue to the motion of this carrier, ammonia will be carried from the 
ilute to the concentrated solution. If the vapor pressures of the two 
Dlutions are known, we may calculate the work due to the transfer 
f solvent by the negative carrier, the number of molecules of amm onia 
ssociated with this carrier being assumed. The complete expression 
or the electromotive force is; 


E: 


2nRT, M,* 

log 


F 


M, 


mil ■ 


. RT , Pi 


rhere m is the number of molecules of ammonia associated with the 
egative carrier and po and are the vapor pressures of the two solu- 
Lons. If we place n =: 0 in this equation, that is, if we assume that 
11 the current is carried by the negative carriers, we may calculate a 
laximum value for m, if the electromotive force of the cell and the 
apor pressures of the solutions are known. For a concentration cell 
etween solutions whose concentrations were 1.014 and 0.627 normal, the 
measured electromotive force was 0.08 X 10'^ volts, and the ratio of the 
apor pressures was 1/1.006, This yields for m the value 0.67; that is,, 
value less than unity. Since m cannot be less than unity, it follows 
hat at least a portion of the current must be carried by carriers not 
ssociated with ammonia. It is evident, from the manner in which the 
lectromotive force and the vapor pressure of ammonia solutions vary 
dth the concentration, that at higher concentrations the value calculated 
or m would be even smaller. The negative carriers in solution, there- 
ore, consist of negative electrons surrounded with ammonia molecules. 
lS the concentration of the solution increases, the number of ammonia 
lolecules associated with the carriers decreases and ultimately a por- 
Lon of the carriers becomes entirely free from ammonia molecules. The 
reat increase in the relative carrying capacity of the negative carriers 
t higher concentrations is due to the presence of these free negative 
lectrons. 

5. Conductance of Metal Sohetions. If the increased carrying 
apacity of the negative carrier is, in fact, due to an increase in the 
lean speed of this carrier, the speed of the positive carrier remaining 
Libstantially constant, then the equivalent conductance of solutions of 
iie metals in liquid ammonia should increase largely with the concentra- 
ion at higher concentrations. Since the determinations of the molecular 
weight, as well as the results on the motion of the boundary between a 
letal and a metal amide solution, indicate that an equilibrium exists 
etween the positive ions and the negative carriers and the neutral 
toms, it is to be expected tliat the ionization of the metal will vary as a 
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function of the concentration. According to these views the state of a 
metal dissolved in ammonia does not differ materially from that of a 
salt of the same metal dissolved in this solvent. The only material dif¬ 
ference lies in the fact that, whereas in the metal solution the negative 
electron functions as negative carrier, in the salt solution, a negative 
ion, that is, a negative electron attached to an atomic complex, serves 
as negative carrier. We should therefore expect the equivalent con¬ 
ductance in dilute solutions to vary as a function of the concentration 
in a manner similar to that of normal electrolytes. In other words, with 
decreasing concentration of the solution, the equivalent conductance 
should increase and approach a limiting value. 

In Table CL are given values of the equivalent conductance of solu¬ 
tions of sodium in liquid ammonia at its boiling point at different con¬ 
centrations. The density of the solutions not being known, the dilu¬ 
tions given under the column headed V represent the number of liters of 
pure ammonia of density 0.674, in which one atom of sodium is dis¬ 
solved. In the more concentrated solutions the density is considerably 
lower than that of pure ammonia. 


TABLE CL. 

Conductance op Sodium in Ammonia at —33.5°.“ 


y 

A 

F 

A 

0.5047 

82490. 

13.86 

478.3 

0.6005 

44100. 

30.40 

478.5 

0.6941 

23350. 

65.60 

540.3 

0.7861 

12350. 

146.0 

650.3 

0.8778 

7224. 

318.6 

773.4 

0.9570 

4700. 

690.1 

869.4 

1.038 

3228. 

1551.0 

956.6 

1.239 

2017. 

3479.0 

988.6 

2.798 

749.4 

7651.0 

1009.0 

6.305 

554.7 

17260.0 

1016.0 



37880.0 

1034.0 


In Figure 65 the upper curve represcnt.s tin; cciuivalent conductance as 
a function of log F up to a concentration of ajiproximatcly normal. From 
an inspection of the table and the accompanying figure, it will be seen 
that the conductance curve exhibits a minimum in the neighborhood of 
0.05 N. At lower concentrations the equivalent conductance increases 
as the concentration decreases and approaches a limiting value in the 
neighborhood of 1016. The form of tlie curve at these concentrations is 


■Kraus, loc. cit. 
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imilar to that of binary electrolytes in liquid ammonia, the only ma- 
Brial difference being that the conductance has a much higher value, 
'he equivalent conductance of the sodium ion is 130. It follows, then, 
hat the equivalent conductance of the negative carrier in these solutions 
t low concentrations is in the neighborhood of 886, or 6.8 times that of 
he sodium ion. We saw in the previous section that the results of 
leasurements of the electromotive force of concentration. cells indicate 
hat the carrying capacity of the negative carrier is approximately 7 
imes that of the positive ion in a sodium solution. This value, therefore, 
3 in excellent agreement with the value 6.8 obtained from conductance 



leasurements. Evidence has already been presented which indicates 
hat the positive ion in a sodium solution is identical with the positive 
in in a solution of a sodium salt. The fact that the conductance of the 
ositive ion, as derived from measurements with the metal solutions, 
orresponds with that of the sodium ion as derived from measurements 
nth solutions of sodium salts confirms this hypothesis. The positive 
in in a solution of sodium in liquid ammonia is therefore the normal 
odium ion. 

If, now, we examine the conductance curve in the more concentrated 
olutions, we sec that below a concentration of 0.05 N the conductance 
acreases with the concentration, the increase being the greater the 
igher the concentration. This, again, confirms the conclusion derived 
rom a study of the electromotive force of concentration cells. As the 
oncentration increases, the relative carrying capacity of the negative 
arrier increases. The increase in conductance is due to an increase in 
he mean speed of this carrier, since at higher concentrations the con- 
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ductance increases enormously, which result may be accounted for only 
on the assumption that the speed of one or both of the carriers increases. 
Since one of these carriers is the normal sodium ion, it follows that the 
conductance is due to an increase in the speed of the negative carrier. 
If these conclusions are valid, then, at high concentrations, the conduc¬ 
tance of the metal solutions should approach that of the metals them¬ 
selves, for at high concentrations the number of carriers and negative 
electrons present in the solution becomes comparable with that of the 
total number of molecules present, in which case we should expect that 
a considerable fraction of these carriers would be free from ammonia 
molecules. This is borne out by the results of conductance measure¬ 
ments. As may be seen from Table CL, the equivalent conductance in¬ 
creases from a value of approximately 475 at a concentration of 0.05 N 
to a value of approximately 2000 at normal and to approximately 82000 
at a concentration of 2 normal. At this concentration the specific con¬ 
ductance of the solution is 163.5, the specific conductance of mercury 
being 1.063X10^, which is about six times that of the metal solution at 
the concentration in question. The lower curve in Figure 65 shows how 
the conductance varies with concentration up to 2 N. 

In the following table are given values of the specific conductance of 
solutions of sodium in liquid ammonia up to the saturation point of these 
solutions.® 

TABLE CLI. 


Specific Conductance op Concentrated Solutions op Sodium 
IN Ammonia at — 33.5°. 


V 


0.1081 

5047.0 

0.1331 

4954.0 

0.1804 

2687.0 

0.2768 

1070.0 

0.3230 

714.0 


V 


0.5099 

148.3 

0.7612 

20.21 

0.9265 

5.988 

1.298 

1.269 

1.674 

0.6465 


The results for sodium, together with those for potassium, are shown 
graphically in Figure 66, where the logarithms of the specific conduc¬ 
tance are plotted against the logarithms of the dilution V as defined 
above. The curve passing through the points is that of potassium; the 
other, that of sodium. At the highest concentrations, the solutions were 
saturated, so that the specific conductance was independent of the total 
amount of ammonia present. The second point for the value V = 0.1331 

«Kraus and Lucasse, J. Am. Chem. Soc. (Dec., 1921), 
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3 S just below the saturation point. The specific conductance of the 
Lturated solution is 0.5047 X 10^; or, almost precisely one half that of 
ercury at 0°. That the solutions of the metals in liquid ammonia at 
lese concentrations are metallic admits of no doubt. They exhibit all 
le properties of metallic substances, both optical and electrical. A 
:ief consideration will show, indeed, that in these solutions the metal 
Dssesses an exceptionally high conducting power compared with that of 



Log 7. 

:g. 66. Conduct,ance of Concentrated Solutions of Sodium and Potassium in 
Liquid Ammonia at —33.5°. 

lany metals. Obviously, if metallic conduction is due to the motion of 
larged carriers, then two factors influence the conductance; in the first 
face, the resistance which the carriers experience in their motion, and, 
L the second, the number of carriers present in a given volume. In 
imparing the conducting power of different metals, it is not sufficient 
) merely compare their specific conductances. The concentration factor 
lould also be taken into account. If the specific conductance is divided 
y the number of gram atoms per cubic centimeter, the ratio yields the 
bomic conductance of the metal. The atomic conductance of a satu- 
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rated solution of sodium in ammonia is 1.1 X 10® The atomic con¬ 
ductance of metallic sodium at room temperatures is 5.05 X 10®. The 
conductance of the saturated solution is therefore comparable with that 
of the pure metal. Values of the atomic conductance of other metals will 
be found in Table CLIII of the next chapter. The atomic conductance of 
sodium solutions is about the same as that of osmium and tin and much' 
greater than that of mercury (liquid) and bismuth. 



Fig. 67. Conductance of Dilute Solutions of Pota.s.siuni and I.ithiuin and of Mix- 
tures of Sodium and Potassium in Liquid Ammonia at —33.5“. 

The view was expressed, above, that the negative carrier for dif¬ 
ferent metals dissolved in liquid ammonia is the same and is, in fact, the 
negative electron, which carrier presumably effects the passage of the 
current through all metallic substances. If this view is correct, then, at 
higher concentrations, where the conductance of the solution jc? dii/a 
almost entirely to the negative electron, solutions of different met 
ammonia should exhibit very nearly the same properties. It is > ’ 

This is based on the value 0.54 for the density of the saturated solution as h.- - 
mined approximately by Dr. Lucasse in the Author’s Laboratory. This value may .. 
error by several per cent. 
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cpected, of course, that minor variations will be observed, since equiva- 
nt solutions are not physically identical. The densities of potassium 
ad sodium solutions, for example, differ; and the amount of ammonia 
ssociated with the positive ions in these solutions doubtless differs, 
side from minor differences, we should expect those properties of meta> 
)lutions, which depend upon the negative carrier, to be relatively inde- 
sndent of the nature of the metal. In Figure 67 are shown the conduc- 
ince curves of dilute solutions of potassium, lithium, and mixtures of 
)dium and potassium. The uppermost curve is that of potassium, the 
)west that of lithium, while the intermediate curve is that of a mixture 
f sodium and potassium. The curve for mixtures of sodium and potas- 
[um lies intermediate between that of sodium and of potassium. It is 
^en that in the case of very dilute solutions of potassium and lithium, 
le conductance values, as shown, lie below the true values owing to the 
ict that these metals react with the solvent according to the equation: 

Me + NH 3 = MeNH^ + ; 

iat is, the metals react with the solvent to form the amides. This re- 
loves a portion of the metal from solution and consequently the con- 
uctance values measured are lower than the true values. From the 
xtensive data presented by Kraus, however, there can be no doubt as 
0 the cause for the low values observed in dilute solutions in the case 
f potassium and lithium. At intermediate concentrations, where the 
ormation of amide is not marked, the conductance of the solutions 
iminishes in the order: potassium, sodium, lithium. At a given con- 
entration, the difference in the values of the conductance of these 
letals corresponds approximately to the difference in the conductance 
f the positive ions of these metals. This shows that in dilute solutions 
f potassium, sodium and lithium in liquid ammonia, the conductance of 
he negative carrier is the same; presumably, therefore, the negative car- 
iers are identical in the three cases. At higher concentrations, where 
he conductance of the positive ion becomes negligible in comparison 
/ith that of the negative carrier, we should expect the specific conduc- 
ance of the solutions to be practically the same at the same equivalent 
oncentration. As may be seen from Figure 66 , the conductance curves 
or sodium and potassium possess the same form, and over a considerable 
ange of concentration they are practically identical.'^ At higher con- 
entrations, slight variations occur as .might be expected, since the den- 
ities of these solutions are not the same. The conclusion that the 


^ Kraus and Lucasse, loo. cit. 
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negative carrier of the different metals is the same appears, therefore, 
amply justified. 

The temperature coefficient of sodium solutions in liquid ammonia 
has been measured. In Table CLII are given values of the resistance 
of fairly dilute sodium solutions from the boiling point of liquid ammonia 
up to 85 °C. In the last column are given values of the mean percentage 
temperature coefficient of these solutions over various temperature inter¬ 
vals referred to the resistance at —33 

TABLE CLII. 

Tempeeatuee Coefficient of Dilute Sodium Solutions. 


t 

B 

Ad/E) ,, 

— 33° 

124.3 

, , 

— 13° 

85.7 

2.25 

-1-17° 

43.4 

4.69 

-t-48° 

28.2 

6.34 

-1-85° 

15.6 

9.00 


It is seen that at low temperatures the temperature coefficient of the 
conductance of these solutions is approximately 2 per cent, and as the 
temperature increases the temperature coefficient increases markedly 
reaching a value of 9 per cent for the interval between 45° and 85°. 
This behavior of the metal solutions in liquid ammonia is in striking 
contrast to that of normal electrolytes dissolved in this solvent. At 
ordinary concentrations, the conductance of these solutions passes 
through a maximum in the neighborhood of room temperatures, the 
conductance decreasing with increasing temperatures above this point. 
It is obvious that the factors involved in the temperature coefficients of 
the metal solutions are very different from those involved in solutions of 
ordinary electrolytes. It is difficult, in the present state of our knowl¬ 
edge, to state to what the high value of the temperature coefficient is 
due. However, since in fairly dilute solutions the conductance is due 
primarily to the negative electron more or less associated with ammonia, 
it is possible that the high value of the temperature coefficient at higher 
temperatures is due to an increase in the mean speed of the negative 
carriers aE a result of a diminution in the size of the solvent envelope 
with which the negative electrons are surrounded. 

While at low concentrations the temperature coefficient of the metal 


Kraus, loc . cit . 
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lolutions is greater than that of ordinary electrolytes, at high concen- 
,rations the temperature coefficient is markedly lower.® At a dilution 
7 = 0.18, the temperature coefiicient is approximately 0.17%. It is 
evident that at higher concentrations the value of the temperature coef- 
icient decreases as the concentration increases. In the neighborhood of 
fie saturation point, the coefficient is not far from zero, and, were it 
)ossible to prepare solutions having higher concentrations, it might be 
ixpected that the temperature coefficient would even become negative 
IS it is in metals.®^ 

These data on the temperature coefficient of the metal solutions in 
iquid ammonia serve further to differentiate these solutions from solu- 
,ions of ordinary electrolytes. The behavior of the very concentrated 
jolutions clearly indicates an intimate relation between these solutions 
md ordinary metallic conductors. The properties of the metal solutions 
n liquid ammonia, therefore, supply abundant evidence to the effect 
fiat conduction in metals is due to the motion of a negative carrier of 
3 ub-atomic dimensions, which carrier is the same for all metals. Since 
fie only carrier of sub-atomic dimensions which has been observed is the 
legative electron, we may infer that the effective carrier in metals, as 
n these solutions, is the negative electron. 

« Observations by Dr. W. W. Lucasso in the Author’s Laboratory. 

Since this was written, the temperature coefficient of sodium in liquid ammonia 
las been determined by Dr. Lucasse i‘rom a dilution y = 1.7 up to the saturation point. 
Ihe coefficient for the saturated solution is 0.007%. As the concentration decreases, the 
:emperature coefficient increases decidedly reaching a maximum of 3.65% at 7 = 1.00 
ifter which it decreases more slowly, falling to 2.47% at 7 = 1.7, 


Chapter XV. 

The Properties of Metallic Stihstances. 

1. The Metallic State. With the exception of the elements of the 
argon group and the strongly electronegative elements of lower atomic 
weight, elementary substances are metallic. Compounds between 
strongly electronegative and strongly electropositive elements, as well 
as compounds between the more electronegative elements, are non- 
metallic; while compounds between distinctly metallic elements are 
throughout metallic. Compounds between the less strongly electronega¬ 
tive elements and the less strongly electropositive elements are often 
metallic in the solid state. Thus the compounds of the alkali metals 
and the metals of the alkaline earths with the elements of the halogen 
and of the oxygen groups are non-metallic; while compounds of the less 
electropositive elements, such as lead and iron, with the elements of the 
oxygen group are often metallic. Within this class are also included g 
certain free electropositive groups, containing both metallic and non- 1 
metallic elements, and possibly groups containing only nonmetallic I 
elements. Thus, the free group CHgHg is metallic,^ while certain of j 
the substituted ammonium groups form stable metallic amalgams.'^ | 
There is also evidence that the quaternary substituted ammonium groups ! 
are soluble in ammonia in the free state, and that in solution their prop¬ 
erties resemble those of the alkali metals.^ The property of metallicity, 
therefore, is not to be looked upon as an atomic property, since various 
groups of nonmetallic elements in the free state exhibit metallic 
properties. 

The metals thus comprise a major portion of the elementary sub¬ 
stances and a large number of compounds between metallic and non¬ 
metallic elements. While nonmetallic compounds may, in a large 
measure, be accounted for through the interaction of the negative elec¬ 
trons with atoms, a similar theory of the constitution of metallic com¬ 
pounds has not thus far been developed. One of the remarkable facts 

^ Kraus, J. Am. Ghem. Soc. S5, 1732 (1913). 

2 McCoy and Moore, J. Am. Ghem. Soc. 33, 273 (1911). 

* Palmaer, Ztschr. f. Elektroch. 8, 729 (1902) ; Kraus, loc. cit. 1 
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a connection with inter-metallic compounds is the large number of 
ompounds derivable from a single pair of elementary substances. The 
onstitution of these compounds does not harmonize well with our pres- 
nt conceptions of valence. The study of these substances is attended 
dth many experimental difficulties and their nature at the present time 
3 little understood. 

Metallic substances are characterized by certain well-defined prop- 
rties, chiefly electrical and optical, which are common to all.^ This 
ommunity of property among metallic substances indicates some com- 
lon element within their constitution. During the past few decades the 
iew has been gaining ground that the properties of metallic substances 
re primarily due to the presence of charged particles, presumably nega- 
ve electrons, which are relatively free to move within the body of the 
letal. While this theory of the constitution of metals is in good agree- 
lent with observed facts from a qualitative point of view, it has not 
een found possible to elaborate a detailed theory of metallic substances 
hich accounts successfully for the major portion of their characteristic 
roperties, 

2. The Conduction Process in Metals. Metallic conductors are dif- 
jrentiated from electrolytic conductors in that the passage of the cur- 
mt through them is unaccompanied by an appreciable transfer of mat- 
jr. If a current is passed for an indefinite period of time through a 
jries of metallic conductors, no material effects are observable, either 
ithin the conductors themselves or at the boundaries between them. 

: the conduction process in metals is due to the motion of negative 
ectrons, then there must likewise be present in the metals positively 
larged constituents or ions which, conceivably, may take part in the 
)nduction process. In all likelihood the amount of matter transferred 
f these carriers is extremely small, and may under ordinary conditions 
icape observation. Experiments carried out with amalgams of sodium 
id potassium indicate that in these systems an appreciable transfer of 
atter actually takes place.^' Curiously enough, in these amalgams, the 
ectropositive constituent, that is, the alkali metal, was found to be 
irried toward the anode and not toward the cathode as might have 
Jen expected. The data are as yet too meager to warrant drawing 

very complete aiinimary of the literature relating to metallic substances is given 
J. Koeiiigsberger in Handbuch <1. Elektrizitilt u. (1. Magnetismus by L. Graetz, Leipzig, 
A. Barth (1920), Vol. S, pp. 507--724. The older literature is also summarized in 
y^inkelmann’s Handbuch d. Physik, Vol, //, pp. 344-384, and Baedeker’s Elektrische 
scheinungen in Mctainsch'‘n Leitern, Viewog, Braunschweig (1911). 

® Lewis, Adams and Lanman* J. Am. Chc7n. S'oc. 87, 2056 (1915). 
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conclusions as to the part which the positive constituent plays in metallic 
conduction. It appears probable, however, that in suitable metallic • 
systems an appreciable transfer of matter accompanies the passage of [ 
the current. * 

The view that the conduction process in metals is an ionic one is the 
only one in agreement with our present notions regarding the constitu¬ 
tion of matter. The absence of material effects accompanying the trans¬ 
fer of electricity indicates a common carrier in all metallic substances. 

The fact that no positively charged carrier of sub-atomic dimensions is 
known lends probability to the view that metallic conduction is due to ^ 
the motion of the negative electron, the only known carrier of sub-atomic ! 
dimensions. j 

Direct evidence in support of the electron theory of metallic con- j 
duction is very meager. Tolman and Stewart ® have studied the current 
flow induced in metallic conductors under acceleration. From their meas- ■ 
urements, they have calculated the ratio of the effective mass of the ( 
carriers to the quantity of electricity flowing. Their results indicate that | 
the current is due to the motion of a negative carrier, the ratio of whose \ 
mass to the charge corresponds with that of the negative electron. For > 
copper, aluminum and silver conductors, Tolman and Stewart found for | 
the value of 1/m, assuming 0 = 16, the values 1660, 1590, and 1540 
respectively. These are somewhat lower than corresponds to the mass 
of a slowly-moving negative electron, but the difference lies within the ^ 
limits of experimental error. The results of investigations on the prop- | 
erties of solutions of the alkali metals in liquid ammonia, described in | 
the preceding chapter, likewise furnish striking evidence in support of ^ 
the electron theory of metallic conduction. Other properties of the 
metals, such as the Hall effect, and particularly the emission of negative 'j 
electrons by metals at higher temperatures, lend support to this theory. 

The precise nature of the conduction process of metals, however, still 
remains very obscure. 

3. The Conductance of Elementary Metallic Substances. The ■; 
order of magnitude of the conductance of metals, in itself, furnishes 
evidence in support of the electron theory of metallic conduction. In 
Table CLIII are given values of the atomic conductance and the spe- ^ 

cific resistance, as well as of the mean temperature coefScient a of the j 

resistance of a number of elementary metals. ; 

, / 


«Tolman ana Stewart, Phj^s. Rev. 8, 97 (X916) ; 9, X64 (19X7), 
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TABLE CLIII. 

.TOMic Conductance, Specific Resistance and Resistance Tempera¬ 
ture Coefficient of Elementary Metals at 0°. 


Metal 

A X 10-“ 

<To X 10“ 

^0 “100 yc 

Silver . 

. 6.999 

1.468 

4.10 

Potassium. 

. 6.503 

6.100 

5.5 

Sodium. 

. 5.288 

4.28 

5.1 

Rubidium. 

. 4.845 

11.60 


Copper . 

. 4.559 

1.561 

4.3^ 

Gold . 

. 4.547 

2.197 

3.98 

Caesium . 

. 3.898 

18.12 

. . 

Aluminium. 

. 3.834 

2.563 

4.26 

Magnesium .... 

. 3.215 

4.355 

3.90 

Chromium . 

. 2.989 

4.40 

. . 

Calcium . 

. 2.457 

10.50 

. . 

Indium ... 

. 1.905 

8.370 

4.74 

Cadmium. 

. 1.875 

10.023 

4.24 

Rhodium . 

. 1.811 

4.700 

4.43 

Zinc. 

. 1.713 

5.751 

4.17 

Lithium . 

. 1.534 

8.550 

4.57 

Iridium. 

. 1.414 

8.370 

3.71 

Tantalum. 

. 1.339 

14.60 

3.47 

Tin . 

. 1.252 

13.048 

4.47 

Osmium . 

. 1.119 

9.500 

4.2 

Thallium . 

. 0.9775 

17.633 

5.17 

Nickel. 

. 0.9613 

12.323 

4.87 

Lead . 

. 0.9222 

20.380 

4.22 

Palladium . 

. 0.9082 

10.219 

3.77 

Platinum . 

. 0.8314 

11.193 

3.92 

Iron. 

. 0.8031 

9.065 

6.57 

Strontium . 

. 0.7194 

24.75 


Cobalt . 

. 0.7064 

9.720 

3.66 

Manganese .... 

. 0.6561 

4.400 

. . 

Antimony. 

. 0.4658 

39.00 

4.73 

Arsenic . 

. 0.3735 

35.10 

3.89 

Gallium . 

. 0.2208 

53.40 

* » 

Bismuth . 

. 0.1972 

108.00 

4.46 

Mercury . 

. 0.1564 

95.80 

0.88 


s may be seen from the table, the specific resistance of silver is 
.47 X 10“^ Compared witli this, the specific resisttUK'c of fused salts 
1 of the order of 1.0 and that of electrolytes, at normal concentration, 10. 

In comparing the conducting power of metals it is more rational to 
mploy the atomic, or perhaps even the equivalent, rather than tlic spe- 
tfic conductance, On tins basis, metallic conductors e:xhibit many rela~ 
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tionships which otherwise are not apparent^ The atomic conductance 
of potassium and of silver is of the order of 6 X 10® and that of mercury 
at ordinary temperatures, which is a relatively poor conductor, 1.5 X 10®. 
Compared with these values, the equivalent conductance of fused salts 
is in the neighborhood of 50 and that of electrolytes at low concentra¬ 
tions 100. In a few instances, the equivalent conductance of electrolytes 
is considerably higher, as, for example, in aqueous solutions at high tem¬ 
peratures, where it approaches a value of 1000, and in solutions of the 
alkali metals in liquid ammonia at low concentrations. The above values 
relate to the conductance of metals at ordinary temperatures. If a simi¬ 
lar comparison were made at lower temperatures, the relative conduct¬ 
ing power of the metals would be found to be enormously greater. The 
conductance of metals at very low temperatures will be discussed in 
the next section. 

The conductance of elementary metals in the liquid state is, in gen¬ 
eral, lower than in the solid state. The process of fusion is accompanied 
by a discontinuous change in the conductance values. In the following 
table are given the ratios of the specific conductances of metals 

in the solid and liquid states, together with the ratio of their specific 
volumes Vi/v^. 


TABLE CLIV. 

Change of the Specific Conductance of Elementary Metals 

ON Melting. 


Melting 


Metal Point 

Lithium . 177.8° 

Sodium . 97.6 

Potassium. 62.5 

Caesium . 26.4 

Zinc . 419. 

Cadmium. 321, 

Mercury .— 38.8 

Thallium.. 301. 

Tin . 232. 

Lead. 327. 

Antimony . 629.5 

Bismuth. 269. 


Specific 
Conductance 
at the 

Melting Point 



2.6 X 10* 

2.51 


9.5 X 10* 

1.34 

1.6k 

7.7 X 10* 

1.39 

1.024 

2.54 X 10* 

1.65 

1.027 

2.7 X 10* 

2.0 

> 1 

2.9 X 10* 

1.96 

1.047 

1.10 X 10* 

4.1 

1.036 

1.35 X 10* 

2.0 


2.1 X 10* 

2.2 

1.028 

1.06 X 10* 

1.95 

1.034 

0.88 X 10* 

0.70 


0.78 X 10* 

0.46 • 

0.967 


T Ricbarz, Ztschr. /. anorg. Chem. 
(1916). 


(1008) ; Benedicks, Jalirl). /. Rad. 13, 351 
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k.s may be seen from the table, expansion of the metal on melting is, in 
general, accompanied by an increase of resistance. The change in the 
jpecific conductance is particularly marked in the case of mercury. In 
he case of antimony and bismuth, the specific conductance increases on 
usion. This is particularly marked in the case of bismuth, which 
ixpands on fusion. 

A change in state of an elementary metal is at times accompanied by 
i discontinuous change in the conductance values and at times only by 
liscontinuity in the temperature coefficient. The transition from gray 
in to ordinary tin is doubtless accompanied by a discontinuous change 
n resistance, although the specific conductance of gray tin appears not 
o have been determined. In the case of elementary metals of very low 
londucting power, such as metallic silicon, discontinuous changes in the 
onductance curve have been observed. In other cases, as, for example, 
he transition of the magnetic metals at the recalcscence point, the resist¬ 
ance curve itself is continuous, but the temperature coefficient under- 
;oes a discontinuous change, as we shall see below. 

4. The Conductance of Elementary Metals as a Function of Tem¬ 
perature. The electrical properties of different solid elementary metals 
re strikingly similar. With increasing temperature, the resistance of 
lementary metals increases, the mean coefficient having a value in the 
leighborhood of 0.004, which does not differ greatly from the coefficient 
f expansion of gases at low pressures. Certain metals, as, for example, 
he magnetic metals iron and nickel, have coefficients much higher than 
his value, particularly at higher temperatures. The rcsistancte of most 
letals increases approximately as a linear function of the temperature, 
nd over larger temperature ranges the resistance may be expressed very 
early as a function of the temperature by means of a quadratic 
quation. 

With decreasing temperature, the resistance of pure metals decreases 
nd, down to liquid air temperatures, it would appear that a value of 
ero is being approached as a limit at the absolute zero. The experi- 
lents of Kammerlingh Onnes at liquid helium temperatures, however, 
ave brought to light the remarkable fact that at very low temperatures 
le resistance of pure metals undergoes a discontinuous cliange. When 
certain temperature is reached, tlie resistance falls off abruptly to 
alues which are almost negligible, if not actually zero.® For example, 
14.24K. the resistance of mercury in terms of its value at 0° (extrapo- 


«Ivaramerlingh Onnes, numerous papers in tlie l>roccc(liiiffs of the IConinkli ii-r. 
nie van Wetensehaften to Amsterdam. A Hiiinmary of the woi^c relating to ^ 
metals at low temperatures will be found In articles by J. Clay: ./i/.r? 

Uivitat und Mcktronilc M, 259 (1915; ; ibid., S aS3 nOlli • Aad/o- 

tschr. 21, 274, 300 and 331 (1920). ^ ^ alwo, Liommolin, Phys. 
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lated) is 0.163, while at 4.185° the resistance is less than 10-“, and at 
2.45° less than 2 X 10'“. Similarly, the resistance of tin vanishes at a 
temperature of 3.78° K. and that of thallium at 2.3° E. The resistance of 
lead vanishes at a temperature between 4.3° and 20°, probably in the 
neighborhood of 6° K. Metals in a condition in which their resistance 
vanishes are said to be in a supraconducting state. Certain metals, such 
as platinum and copper, do not exhibit supraconductance. In such 
metals the conductance falls to a low limiting value, after which it 
remains independent of temperature. In the following table are given 
values for the resistance of platinum in arbitrary units, at a series of 
temperatures. 

TABLE CLV. 

Resistance of Platinum at Low Temperatures. 


T abs. 

Resistance 

273.1 

1.0 

20.1 

0.0170 

14.3 

0.0136 

4.3 

0.0119 

2.3 

0.0119 

1.5 

0.0119 


It is apparent from this table that at a temperature in the neighborhood 
of 4.3° absolute the resistance of platinum falls to a value a little greater 
than 0.01 of its value at 0°. Below this temperature, the resistance 
remains constant. Similar results have been obtained for other metals 
such as copper and iron. Apparently, those metals, which exhibit a 
marked tendency to form solid solutions with other metals, do not 
exhibit the phenomenon of supraconductance. It has been suggested 
that the absence of this phenomenon in these metals is due to the influ¬ 
ence of minute traces of impurities. 

The significance of the phenomenon of supraconductance is not fully 
understood as yet. Various theories have been proposed in explanation 
of this phenomenon, as, for example, that of J. J. Thomson.” Bridg¬ 
man has recently suggested that a polymorphic change takes place at 
the point where supraconductance intervenes. According to this view, 
the normal state of a substance, or of a crystal, at very low temperatures 
is that of supraconductance. The residual resistance found in the case 
of such metals as platinum is due to non-homogeneity between the sur¬ 
faces of the individual crystals of which the conductor is composed. At 

®J. J. Thomson, Phil. Mag. 30, 192 (1915). 

Bridgman, J. Wash. Acad. 11, 455. 
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le present tinae it is not possible to reach any certain conclusion as to 
le nature of these phenomena. 

The mean temperature coefficients a for a number of elementary sub- 
;ances are given in Table CLIII above. In the following table are 

1 dEf 

iven values of the temperature coefficient a = — gp- for a number of 
letals at different temperatures. 

TABLE CLVI. 

1 dB^ 

Temperature Coefficient ^ - y — for Metals at Different 

R ^ dt 

Temperatures. 


emperature 

Ag 

Fe 

Ni 

A1 

Mg 

Cu 

25° . 

0.0030 

0.0052 

0.0043 

0.0034 

0.0050 

0.0036 

.00 . 

0.0036 

0.0068 

0.0043 

0.0040 

0.0045 

0.0038 

!00 . 

0.0039- 

0.0090 

0.0070 

0.0042 

0.0041 

0.0040 

100. 

0.0040 

0.0111 

0.0080 

0.0043 

0.0043 

0.0041 

too. 

0.0042 

0.0133 

0.0036 

0.0046 

0.0040 

0.0042 

500 . 

0.0044 

0.0147 

0.0030 

0.0050 

0.0036 

0.0043 

500 . 

0.0046 

0.0170 

0.0028 

0.0060 

0.0100 

0.0044 

00 . 

0.0047 

0.0224 

0.0026 

0.0120 

0.0250 

0.0047 

100 . 

0.0052 

0.0120 

0.0025 

at 625° 

at 625° 

0.0053 

lOO . 

0.0058- 

0.0046 

0.0028 

• • 


0.0057 

lOO . 


0.0050 

0.0037 

. . 

. . 

0.0062 


175 . .. 0.00(52 


will be observed, from the table, that tlic temperature coefficient in¬ 
cases with increasing temperature. The magnitude of tlic cocifficients 
different metals differs considerably, particularly tliosc of the magnetic 
ctals, iron and nickel. It is interesting to note that, as the transition 
-int of these metals is approached, the temperature coefficient increases 
ry largely. The temperatures at which tlic transition points arc 
ached are indicated in the table by heavy type. Beyond the transition 
ints, the temperature coefficients fall back to normal values, in the 
se of both iron and nickel. A somewhat similar phenomenon is ob- 
wed in the neighborhood of the melting point, which is illustrated in 
e case of aluminium and magnesium, particularly in the case of the 
iter element. The temperature coefficient increases considerably as the 
ilting point is approached. Beyond the melting point, the coefficients 
2 , in general, smaller than below this temperature. 

The temperature coefficients of elementary liquid metals vary within 
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wide limits. The coefficients are greatest for the alkali metals, in which 
case they differ very little from those of the solids. In other cases, the 
temperature coefficients reach extremely small values, as, for example, 
in that of zinc. As a rule, the temperature coefficients of liquid metals 
have values in the neighborhood of one fifth that of the solid metals. In 
the following table are given the mean temperature coefficients of a 
number of liquid metals referred to their resistance at the lowest tem¬ 
perature given. « 

TABLE CLVII. 


Tempeeatuee Coefficient of Liquid Metals. 




Temperature 

Metal 

a 

Interval 

Sodium . 

... 38.5 Xl0-‘ 

M.P. 

Potassium .... 

. 41.8 X 10-* 

U 

Lithium. 

. 27.3 X10-* 

178-230 

Tin . 

.. 5.9 X10-‘ 

M.P.-350 

Bismuth . 

. 4.1 X 10-* 

i( 

Thallium. 

.. 3.5 X10-" 

tc 

r^admium. 

.. 1.3 X 10'* 

u 

/ Lead . 

.. 5.2 X10-* 

(( 

1 Copper. 

. ‘4.12 X 10-* 

1084-1500 

1 Aluminium ... 

. 5.42 X 10'* 

653-1250 

Iron . 

. 3.66 X 10'* 

1055-1650 

! Nickel . 

. 1.67 X 10'* 

1451-1650 

i Zinc .. 

.. 0.3 X10-* 

419-500 

\ Tin . 

. 4.68 X 10'* 

232-1600 

\^admium. 

. 2.26 X 10'* 

500-650 

^Antimony . 

. 1.37 X 10'* 

631-800 


The temperature coefficients here given cannot be directly compared 
with those of the solid metals at ordinary temperatures, since the coeffi¬ 
cients are referred to the resistance of these metals at higher tempera¬ 
tures. In a number of instances values have been extrapolated to ordi¬ 
nary temperatures, in which case the coefficients are invariably smaller 
than those of solid metals. For example, the values for copper, 
aluminium and iron are 7.45 X 10“^, 8.40 X 10"^ and 8.15 X lO'**, re¬ 
spectively. 

The temperature coefficient as commonly measured is the resultant 
effect of temperature change and volume change. The temperature coef¬ 
ficient at constant volume differs materially from that at constant pres¬ 
sure, depending upon the influence of pressure upon the resistance of the 
conductor in question. In solid metals, the pressure effect is relatively 
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imall, while the resistance-temperature coefficient is large; consequently, 
he temperature coefficient is not greatly affected by the volume change. 

:n liquid metals, however, where the temperature coefficient is small and 
,he resistance pressure coefficient relatively large, the volume change has 
i material influence on the observed temperature coefficient. In the case of 

nercury,^^ the resistance temperature coefficient^i^^^^^— — 6.9X10'^ 

IS against the value of + 8.9 X 10"^ for the resistance-temperature coeffi¬ 
cient at constant pressure. It is a significant fact that the resistance of 
a, liquid metal at constant volume should decrease with increasing tem¬ 
perature. In this connection it may be noted that Somerville found 
that zinc wire, wrapped in the form of a spiral arbund a silica tube, 
sxhibited a marked negative temperature coefficient above the melting 
point, the resistance varying very nearly as a linear function of the tem¬ 
perature. In this case the metal in the fluid ^tate was held together by 
surface forces. The temperature coefficient of molten zinc in a quartz 
tube was found to be positive but of a very low value. 

5. The Conductance of Metallic Alloys. Metallic alloys may be 
divided into four classes which exhibit distinct properties.^*^ These are: 
First, solid alloys in which pure crystals of the constituent elements are 
present in intimate contact; second, solid alloys in which mixed crystals 
of the constituent elements are present; third, solid alloys in wliich com¬ 
pounds of the constituent elements arc present; and fourth, liquid alloys. 
Among the solid alloys, several of these types often appear in a single 
alloy. This is the case, for example, when mixed crystals are formed 
over limited concentration intervals. 

a. Heterogeneous Alloys. Except in so far as the resistancci of alloys 
is influenced by the distribution of the crystals and the prcsen(‘.c of rc'.sist- 
ance at the interface between crystal elements, solid alloys of the first 
class do not differ in their properties from pure metals. The s];)ecilic 
resistance of such alloys is a linear function of the composition and with 
change of temperature the properties vary as a linear function of the 
composition. 

b. Homogeneous Alloys. Homogeneous mixed crystals of pure 
metallic elements, or of compounds, form an important class of substances 
which are remarkable for the uniformity of their behavior timong them¬ 
selves and the divergence of their behavior from that of their constituent 
elements. The addition of a second metallic component to another metal, 

Kraus, Physical Reriew Jf, ir>9 (1914). 

•1" Somerville, Physical Rcaiciv .W, 77 (1911). 

A summary of the properties ol! iiietullic alloys is given by Guertler, j'ahrh. / Rad r> 
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whether elementary or compound, causes a marked decrease in the con¬ 
ductance of the resulting homogeneous alloy. The decrease due to the 
addition of a given amount of the second constituent is the greater the 
lower its concentration. If the conductance is represented graphically 
as a function of the composition of the system, the resulting curve is 
throughout convex toward the axis of concentration. The minimum 
point in all cases lies in the neighborhood of a composition of 50-50. In 



Fig. 68. Eepresenting the Conductance of Homogeneous Alloys of Ag and An as a 

Function of Composition. 

Figure 68 is shown the conductance curve at ordinary temperatures for 
homogeneous mixtures of silver and gold. As may be seen, the conduct¬ 
ance of either component is greatly reduced on the addition of the second 
constituent. The decrease in the conductance due to tlie addition of a 
second component depends upon the nature of the substance added and is, 
in general, the greater the less electropositive tlic added constituent. 
Thus, the decrease in the conductance of iron due to tlie addition of 
carbon or silicon is much greater than that due to the introduction of 
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ingsten or nickel. On the other hand, certain variations occur in the 
rder of the effects. Thus, due to the addition of aluminium, the con- 
uctance of iron is lowered very nearly as much as due to that of silicon. 

The resistance-temperature coefficient of solid alloys of the second 
[ass likewise varies continuously as a function of composition. The 
jrve of temperature coefficients is similar to the conductance curve, being 
Dnvex toward the axis of concentration and having a minimum point in 
le neighborhood of a composition of 50-50. In Figure 69 is shown the 
iirve of temperature coefficients for alloys of silver and gold. It will 



IG. 69. Temperature Coefficient of Silver-Gold Alloys as a Function of Composition. 

e observed that the temperature coefficient falls from a value of approxi- 
lately 4 X 10”‘^ for the pure elements to 7.5 X 10"“^ for an alloy contain- 
ig 50 volume per cent, each, of the constituents. This behavior of homo- 
eneous metallic alloys is general. In many cases, the effect is very 
ronoun(‘ed and the temperature coefficient falls to very low values. 

With decreasing temperature, particularly at low temperatures, the 
ssistance of homogeneous metallic alloys decreases nearly as a linear 
unction of the temperature. This form of the curve persists even to the 
)west temperatures attainal)le. Apparently, then, the resistance of 
Hoys of this type approaches a finite limiting value at the absolute zero, 
a the following table arc given values of the resistance of manganin wire 
84 Cu, 12 Mn, 4 Ni) down to liquid helium temperatures. 

TABLE CLVIII. 

Resistance of Manganin Wire at Low Temperatures. 

'emp. 16.5 — 193.1 —201.7 —253.3 —258.0 —269.0 —271.5 

Lesist. 124.20 119.35 117.90 113.42 112.91 111.92 111.71 
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5th^alloys of this type exhibit a similar behavior at low temperatures. 

At high temperatures, the resistance curves of many of the alloys of 
this type are very complex, often exhibiting both maxima and minima 
and the temperature coefficient at times becoming negative.^®^ The curve 
for TYiATiganin wire, for example, exhibits two maxima at approximately 
25° and 475° C. and two minima at 360° and 525° C. respectively. In a 
few instances, the temperature coefficient is very nearly zero over a large 
range of temperature, as, for example, in the case of advance wire, for 
which the temperature coefficiept varies very little up to a temperature of 
250° C. Taken all together, the resistance curves of solid solutions of 
metals are very complex at higher temperatures. 

c. Solid Metallic Compounds. The conductance of a solid compound 
of two elements is always lower than that of one of the constituents and 
is often lower than that of both. The specific resistance of a compound 
relative to that of the constituent elements depends upon the nature of 
the elements and upon tne nature of the compound formed. In general, 
the more stable the compound, the higher is its resistance relative to 
that of the constituent elements. Compounds between strongly electro¬ 
positive and strongly electronegative metallic elements, as a rule, exhibit 
a very high specific resistance. In the following table are given values 
of the specific conductance of a number of compounds at room tem¬ 
peratures. 

TABLE CLIX. 


Specific Conductance of a Numbee of Metallic Compounds. 


. Metal 

MgoSn 

Cu,Mg 

CuMg, 

MgZn, 

Mg^Bi^ 

Al^Mn 

Al^Fe 

p X io-‘ .. 

, 0.09“l2 

19.4 

8.38 

6.3' 

0.76 

0.20 

0.71 

Metal 

Al^Ni 

AlMg 

AljMgs 


AlAga 

Sb,Te, 

TeSn 

pxio-* .. 

, 3.47 

2.63 

4.53 

3.85 

2.75 

0.48 

0.97 

Metal 

BiaTcj 

SbAga 

CujAs 

MgAg 

Mg;,Ag 



p X 10-" .. 

. 0.045 

0.93 

1.70 

20.52 

6.16 




It will be observed, from the table, that the compound between mag¬ 
nesium and tin has a very low specific conductance. Where two ele¬ 
ments form a number of different compounds, that compound, in gen¬ 
eral, has the lowest specific conductance which corresponds to the normal 
electronegative valence of the less metallic element. Thus, the specific 
conductance of Cu^Sn is much lower than that of Cu^Sn or of CuSn. 
The low value of the specific conductance is well shown in the case of the 
alloys of magnesium and tin which form the compound MgaSn. The 

13a Somerville, Phys. Rev. 31, 2G1 (1910). 
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iic conductance of this compound at 25° is 0.0912, as compared with 
for tin and 22.73 for magnesium. 

t^hile the conductance of inter-metallic compounds is thus, in gen- 
very low, the temperature coefficient of these compounds is of the 
I order of magnitude as that of pure metals. While, therefore, the 
bion of a second metallic component increases the resistance of the 
Ilic alloy, whether a compound or a solid solution is formed, so that 
at times difficult to distinguish between these two cases by this 
IS, the temperature coefficient of the resulting alloy will, in general, 
t* widely in the two cases. The high value of the temperature coeffi- 
, of metallic compounds and the low value of this coefficient for 
>geneous alloys afford a delicate method of detecting the presence 
)lid solutions in metallic alloys. 

. Liquid Alloys, The properties of liquid alloys differ greatly from 
3 of homogeneous solid alloys. On the addition of a second com- 
nt, the conductance of a liquid metal may either increase or do¬ 
se. The relative conductance of the two substances does not deter- 
I the magnitude and sign of the initial conductance change. If the 
fic conductance of two metals is nearly the same, the conductance 
es often exhibit maxima or minima and sometimes both maxima and 
ma. In Figure 70 are shown the conductance curves for mixtures 
lercury with bismuth, lead, tin and cadmium. Small additions of 
3 elements to mercury cause a relatively large initial rise of the 
uctance curve. This rise is particularly noteworthy in the case of 
uth, which itself is a relatively poor conductor. The four curves arc 
3ntly similar. With bismuth and lead, whose specific conductances 
•datively low, both a maximum and a minimum occur in the con¬ 
duce curve. With tin the maximum and minimum have disappeared, 
m inflection point is present in the conductance curve. The curve 
Hoys of cadmium and mercury exhibits a constant curvature. The 
elements, the conductance of whose amalgams are shown in the 
e, do not form compounds with mercury according to their melting 
; diagrams. 

he behavior of amalgams, in which compounds are formed, differs 
:edly from that of amalgams in whi(di compounds are absent. Tlie 
ion of small amounts of litliium, (‘alciiim and strontium increases 
jonductance of mercury, while tliat of potassium, sodium, caesium 
barium reduces its conductance.^'^ With increasing temperature, the 
ive effect of such addition is increased. According to Hine,^^‘ the 


H. Fenningor, Dissertation, Freiberg, 1914; ,T. Koonigsberger, loc. n. 054. 
Hine, J. Am. Chem. l^ov. 30^ 890 (1917). 
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Specific conductance of sodium amalgams passes thnnigli a iniininum at 
about 2.5 atom per cent of sodium. McCoy and W(‘st liavi* dtdermined 
the conductance of amalgams of substituted ammonium l>as(‘s. T\w 
conductance of these amalgams decreases with in{‘rc‘asing eonecadration, 
passing through a minimum. In general, Ikiuid alloys wlmsc* components 
do not form compounds exhibit conductan(‘e (*urves witlanit })ronouncc‘d 
minima. On the other hand, alloys which form (‘ompouiais ofttai (‘xhiljit 
pronounced minima. This is, for example, tla* (‘as(‘ with alloys of sodium 
and potassium. In the following table are given (‘omlmdama* valm‘s of 
mixtures of sodium and potassium, together with their t(auperatun‘ eocdli- 
cients.^® 

TABLE CLX. 

Conductance of Liquid Sodium-Potassh’m Ali.ovs at 2(H) . 

Specifa^ 


Atom Per Cent 
Potassium 

ConductaiHH! 

HX H) ‘ 

(4 X HP 

0 

7.37 

■d :bH5 

4.2 

5.55 

3222 

8.0 

4.42 

2!4rr 

26.5 

2.690 

1.725 

44.5 

2.150 

1.555 

63.0 

2.095 

1.585 

82.0 

2.250 

l.SfH) 

93.0 

3.230 

2.91 

100.0 

4.59 

4.9H 


It will be oliservcd that the condu<*ianc(‘ curve* a minimum in 

the neighborhood of 50 atomic p(‘r cent of stnlium aicl pot:i^ ium, which 
corresponds with the (‘<)m])osition of the ctauj)ound NaK. 'hhe < \3 feun* 
of this compound has Ihh'U established by mean- of the mebuiL!: pmni 
diagram. It will be obs(‘rv<*d, also, that the temperature nn fbt i* nf nf the 
sodium-potassium alloys exhibits a minimum value at a fMaupn if:nu eur 
responding with that of tin* compound. The condiiefaiice nf apnv nt 
copper and lead exhibits luatlua* a maximum nor s minimum, bm the frin . 
perature coefliciiait exhibits a minimum at a ci»mp<v iiion in ihr nraUilna* 
hood of 40 i)cr ccait ot kaid. Tin* c(mduetancr e!He;e (U liquui alloi nf 
copper and antimony exhibit singularit ies corre>.p(»nd!nv wifl; tla* mm 
position of the compounds (hijSb and ( 'u .Sb. I'he femp. rMt ui e eurlli 
eicnts of lioth tii(‘S(‘ cornpeamds an* negative, while the e uf fli*- purr 
metals are positive. Thv conductaiaa* curve bir li([uid mixture t.i laippar 

McC'oy niKl West. ,/. ('turn. Hi. 2C,i 

Koctii|jfsl)(«r;j;'cr, lor. rit, 
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and (in liki-wisi' ('xlnl)its singularities, which indicate the formation of 
(•oinp<iunds. 'I'hc t(‘inpeniturc coeflneients of these compounds are 

iK'gativc. 

It may 1 h' concludi'd that liquid alloys, in which compounds are 
fiirnuMl, (‘xhihit pnipi'rties whi(^h differ markedly from those of alloys in 
whh'h cnmpininds are not formed. When the compounds formed are 
very stalile. (lie (•(inductance of the resulting alloy is usually less than 
that (if tlic pure cdinponents. The temperature coefficient of fused metal¬ 
lic cdinpounds is, as a rule, either very small or negative. 



r„r, (\,„durlor>i. Within tins class are included those ele- 

Ill, lam-,- wliich lie upon the herder line between metallic and 
.,11,,. ,.l,.nirnt-. 'I'liere are also included a considerable number 
.nniiidund.- in which one of the constituents is strongly electro- 
'n,,. ,.l,,„„,ilarv substances (•empriscd within this class often 
, and in a nonmetallic state. Carbon is a typi- 

,hi- tvpe which, in the form of diamond is anoncon- 
,1,, ,„nn (if graphite, a relatively good conductor. Many 
,,, ,i„. lartalhr Cdinpounds, also, may appear both in a conducting and 
a ..iianiug state, as, for example, various, sulphides and oxides 
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which are metallic in a crystalline state and which are nonmetallic 
when precipitated from solution. 

The specific conductance of the metals of this class is often relatively 
low. In the following table are given values of the specific conductance 
of a few of these metals. 

TABLE CLXI. 


Specific Conductance of Various Substances at 0°. 


Conductor 


Specific Conductance 


Graphite (Siberia) . 

Silicon (+3.37o impur.) 

Titanium . 

Zirconium . 

CuS . 

PbOs . 

CdO. 

PbS . 

Fe,0, . 

FeS^ (Pyrite) . 

FeSa (Marcasite) . 


8.71 X 10- 
10.0 

2.8 X 10^ 

5 X 10“ 
8.5 X 10“ 

4.3 X 10“ 

8.3 X 10“ 
4.2 X 10“ 
1.16 X 10“ 
0.42 X 10“ 
0.06 


The resistance of metals of this class at lower temperatures decreases 
greatly with increasing temperature, approximately as an exponential 
function. At higher temperatures, the conductance reaches a minimum 
value, after which it increases approximately as a linear function of the 
temperature. A familiar example of this type of substance is carbon. 
It is uncertain, however, that the observed conductance curves of this 
type actually relate to pure substances. Kammcrlingh Onnes and Hof 
have shown, for example, that graphite may be purified to a point where 
its resistance decreases with temperature down to approximately — 173° 
with a coefficient of 0.0029. At lower temperatures the resistance de¬ 
creases somewhat more rapidly. Similar results have been obtained in 
the case of bismuth. In the earlier experiments of Dewar and Fleming,’* 
bismuth was found to exhibit a minimum resistance at temperatures 
varying from room temperatures to —80° C., depending upon the purity 
of the sample. Later, however, this element was purified to a point where 
its resistance decreased throughout with decreasing temperature down to 
liquid hydrogen temperatures.^” Since many of the substances of this 
class cannot be prepared readily in a pure state, it follows that the pecu- 

K. Onnes and Hof, Konmklljlce Alcady van Wrtcnsch. Amsterdam- 17, nii:() (H)14). 

^8 Dewar and Fleming, Phil. Mag. ifi, 303 (1805). 

J. Clay, Dissertation, Leiden (1908) ; Jahrh. /. Itad. 8, 301 (1911). 
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of the conductance curve may be due primarily to the presence 
ities. 

of these substances exhibit transition points at which the resist- 
nges discontinuously. In some instances these processes are 
i and in others irreversible, Silicon exhibits transition points 
ximately 220^ and 440°. Titanium exhibits discontinuities in 
borhood of 300° and 600°, the first of which is slowly reversible 
econd irreversible. 

g variable conductors are included many compounds on the 
e between metallic and nonmetallic substances. These com- 
ften appear in several modifications whose properties may differ 
For example, silver sulphide, which has already been mentioned 
:eding chapter, conducts electrolytically in one form, while in 
form it exhibits mixed electrolytic and metallic conduction, 
lid oxides and mixtures of oxides, which at ordinary temper- 
•e nonmetallic, appear to conduct the current metallically at 
peratures. The Nernst filament is a familiar example of this 
onductor. While it is possible that a portion of the current in 
these substances is carried electrolytically, the greater portion 
o be carried metallically. 

c c.ompounds become more distinctively metallic, which is as a 
3ase as the more electronegative element becomes more metallic 
norc clc(;tropositivc element becomes less metallic, the conduct- 
roaches that of typical metallic compounds. In such cases, the 
urc coefficient becomes less negative or even positive. In gen- 
higher the conductance of a compound, the greater is the value 
dtive temperature coefficient. 

• of the conductors belonging to this class exhibit singular prop- 
n many cases, also, systems, which might not be expected to 
Lctallic properties, nevertheless belong to this class of conductors, 
for example, tlie case with cuprous iodide, Cul, which absorbs 
iversibly. The resulting product conducts the current metal- 
id its conductance is the greater the greater the amount of iodine 
. The smaller the resistance of the iodide, the greater is the 
the positive temperature coefficient. As the specific resistance 
, tlie temperature coefficient becomes negative, 
examples of this class of substance are extremely numerous and 
cal of experimental material is available. It is not to be doubted 
jdy of such systems will throw a great deal of light on the nature 
nduction process and conceivably on the constitution of metallic 
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compounds. A more detailed discussion, however, is not possible in this 
monograph.*® 

7. The Conductance of Metals as Affected by Other Factors. 
Anisotropic Metallic Conductors. As might be expected, the con¬ 
ductance of many crystalline substances depends upon the orientation of 
the crystal. Thus, the conductance of a crj-stal of bismuth at right 
angles to its base at 16° is 1.78 times that parallel to its base.*" It has 
been shown that the conductance of a bismuth crystal may be represented 
by means of an ellipsoid of rotation.** 

b. Influence of Mechanical and Thermal Treatment. The conduct¬ 
ance of metals is dependent upon their previous mechanical and thermal 
treatment. Wires which are hard drawn in general exhibit a lower con¬ 
ductance than do annealed wires. The thermal treatment of metals has 
an influence on their conductance, not only in that it tends to relieve 
mechanical stresses resulting from previous mechanical treatment,’ but 
also in that it tends to induce various transformations in the body of the 


metal, some of which are reversible and others of which are irreversible. 

c. The Influence of Pressure on Conductance. The resistance of 
most metallic elements is decreased under the actiem of uniform pressure. 

The coefiScient 4 -^for solid metallic elements varies between—IS.lXlO’* 
K dp 

for nickel and —162 X for lead. For bismuth the value of the 
coeflScient is positive and equal to +190 X 10"'^. The resistance does 
not vary as a linear function of the pn^SHure, the pr(‘s.sure coefficient de¬ 
creasing with increasing pressure. The r(^sistan(‘e of manganin wire 
varies very nearly as a linear function of the pr(‘SHurt^. The only pure 
liquid metal for which data arc available is rnercuiy. At 25°, the value 
of its resistance-pressure coefficient is —334 X 10^^. It would be inter¬ 
esting to know whether other liquid metals exhibit a similarly high value 
of this coefficient. 

The influence of pressure on the resistance of variable conductors is 
often extremely marked.^^ 

d. Photo-electric Properties. A few substances are sensitive to the 
action of light. Selenium is the most, nanarkabh* exanii>l(^ of (his type 
of substances. The influence of light and various other factors on the 
conductance of selenium has occupied the attention of a great many inves¬ 
tigators. A detailed discussion cannot be giv(*n herc."*^ 

8. Relation between Thermal and Electrical Conductance in Metals. 




29 A very complete summary is giv(‘n by KoenigsluTp'r, lor. rit., pp. (»C1-C).S0. 
2iLown(ls, Anti. a. Fhys. 9, OSl (1002 j. 

f van Everdingen, Vcrsl AJead. van WetaiHrh. Amsfrrdam S, C,U\ nn<l 107 (1000), 
!! references, see KoenigsbergcT, loc. cit.. pp. OIM 7. 

For references, see Koenigsberg'er, loc. cit., pp. 
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first pointed out by Wiedemann and Franz,the thermal con- 
je of metals at ordinary temperatures is very nearly proportional 
■ electrical conductance. Subsequent investigations have shown 
e ratio of thermal to electrical conductance is not a constant, but 
3S with increasing temperature. Lorenz showed that the ratio 

Jl 

mal to electrical conductance - for pure metallic substances and 

Hoys increases approximately as a linear function of the absolute 
ature, the coefficient being very nearly equal to the coefficient of 
on of gases. Since the resistance varies approximately as a linear 
n of the absolute temperature, it follows that the thermal con- 
3 e of metals is relatively independent of temperature. At very low 
atures, however, the thermal conductance of metals increases 
[ly. Nevertheless, as K. Onnes and Holst have shown, the 
1 resistance of metals does not approach a value of zero in 
where metals are in the supraconducting state. For example, at 
ting point, the thermal conductance of mercury is 0.075; between 
and 5.1° K it is 0.27; and between 3.7° K and 3.9° K it is 0.40. 
7 low temperatures, therefore, the thermal and electrical conduct- 
) not follow a parallel course. 

! thermal conductance of alloys varies with composition in a man- 
lewhat similar to that of the electrical conductance. The change 
mal conductance, due to a given change in composition, is consid- 
smallcr than is the corresponding change in electrical conduct- 
The thermal conductance curves of alloys which form a complete 
)f mixed crystals exhibit a minimum similar to that of the elec- 
jonductance curves. The relative decrease of the thermal con- 
ce, however, is much smaller than that of the electrical conduct- 
Accordingly, the ratio of the thermal to the electrical conductance 
Qogeneous alloys is considerably greater than it is for pure metals, 
hat similar relations are found in the case of metallic compounds, 
compounds in general exhibit a lower thermal conductance than 
pure components, the ratio of thermal to electrical conductance is 
for the compounds than it is for pure metals, 
i thermal conductance of variable conductors is often as great as 
f typical metallic elements. Since the electrical conductance of 

ubstimt;cs is relatively low, the ratio - for these substances is often 

[X 

and lOauiz, Pofjfj- Aoui. SOj 497 (1893) ; O.'i, S38 (1895). 

le literature relating to tliiH .subject has been collected In various handbooks; 

hovvii'A, Ann. 429 (1872) ; Wied. Ann. IS, 422 (1881). 

. Onnes and Holst, Proc. Amsterdam' Acad- iPj 700 (1914), 
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very great. Thus the value of - for graphite, silicon and hematite 

(Fe^Os) is 2.5 X W, 6.8 X 10“ and 7.3 X 10“ respectively. For ordi- [ 
nary metals the value is in the neighborhood of 6.7 X 10“ at room tern- I 
peratures.2® In this connection it is interesting to note that the thermal f 
conductance of some nonmetallic crystals is greater than that of many f 
metallic substances. Thus, the thermal conductance of rock salt is 
0.0137 and that of quartz -i- to its axis is 0.0263, while that of bismuth is | 
0.0194. While thermal and electrical conductance arc intimately related, f 
the fact that some nonmetals are likewise excellent thermal conductors 
should not be lost sight of. 

9. Thermoelectric Phenomena in Metals. IVe Inu^e to consider three 
related thermoelectric phenomena, namely: 1, the electromotive force 
arising in a metallic system as a result of a temperature difference be¬ 
tween the junctions of two metals; 2, the Peltier effect which is a heat 
transfer taking place when a current passes through a junction between , 
two different metallic conductors; and, 3, the Thomson effect which is a . 
heat transfer accompanying the passage of tlie current through a con¬ 
ductor in which a temperature gradient exist.s. From a practical point 
of view, the first of these effects is the most imi)ortant and has been 1 
investigated most extensively. i 

The thermoelectric force of a thermocouple may be expressed very ) 
nearly as a function of the temperature by means of an (Kjuation of the 
form: 

i + ■ ■ ■ 

Usually a quadratic equation .suffices. For smaller temperature differ- | 
ences, the sign of the constant a corresponds with the direction of the j 
thermoelectric force. The sign of this electromotivt^ force deixuids upon i 
the nature of the metals. Let us call the effect positive for the two metals I 
AB, when the current flows from A to B at the cold junction. The metal 
A will then be said to be positive with resiicct to B. The values of the 
coefficients a and p for different metals with respect to lead, the cold , 
junction being kept at a temperature of 0"' (h, are given in Table GLXII. 

As may be seen from the tabic, metals which are (doscly relatisd often ' 
have thermoelectric constants which are opposite in sign; thus, lithium 
and potassium stand in reverse order to lead, which, in the table, is taken 
as a standard. So, also, the closely related elements, antimony and 
bismuth, which exhibit a relatively high thermoelectric power, lie near f 


See Koenigsberger, Iqc. cit., p. 720 , 
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TABLE CLXIL 

ES OF THE Thermoelectric Coefficients a and (3 with Respect 
TO Lead in Microvolts per Degree. 


Si 


Sbll 

Fe 

Li 

Ag 

Pb 

-1-443- 

-1-163 

+ 22.6 

+ 13.4 
— 3.0 

+ 11.6 
+ 3.9 

+ 2.3 
+ 0.76 

0 

Mg 

Sn 

Na 

K 

Co 

Ni 

Bi II 

— 0.12 
-1-0.20 

— 0.17 
+ 0.20 

— 4.4 

— 2.1 

— 11.6 
— 2.5 

— 20.4 
— 7.5 

— 23.3 
— 0.8 

—127.4 
— 70. 


Dposite ends of the table. Similar inversions are found in the case 
ler closely related elements, such as iron, cobalt and nickel. 

. alloys, the thermoelectric force is, in general, a function of the 
osition. The thermoelectric force of heterogeneous alloys varies 
iximately as a linear function of the composition, while that of 
geneous alloys, in general, exhibits a marked minimum somewhat 
tr to that of the conductance curve. The thermoelectric power of a 
Dund, in general, differs from that of its component elements. The 
btion of compounds by a given pair of elements is indicated by dis- 
luities in the curves connecting the thermoelectric force with the 
composition of the alloy. As a rule, the thermoelectric force is 
for compounds which are relatively poor conductors. For a more 
ed discussion of the thermoelectric properties of metals the reader 
erred to the various handbooks in which these data have been 
ted. 

L Galvanomagnetic and Thermomagnetic Properties. When a cur- 
of electricity flows through a conductor, the distribution of the 
at in the conductor is altered under the action of an external mag- 
field. The effects observed depend upon the relative direction of 
irrent and of the field. The application of the magnetic field, there- 
gives rise to potential differences between points in the conductor 
L normally are at the same potential. With a field acting at right 
s to the direction of the current flow, potential differences arise in 
inductor transverse to the magnetic field, one at right angles to the 
foil of the current flow and the other parallel to this direction, 
a longitudinal field, that is, a field acting parallel to the direction 
3 current flow, only a single effect is observable; namely, an electro- 
X force parallel to the direction of current flow. Similar effects 
bserved wlien a current of heat flows through a conductor in a mag- 
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netic field. Conversely, when a current flows through a conductor in a 
magnetic field, temperature differences, as well as potential differences, 
arise in the conductor. Altogether, there are twelve effects of this type: j 
four thermomagnetic effects in transverse fields, two tliornioinagnetic | 
effects in longitudinal fields, four galvanomagnetic effects in transverse 
fields, and two galvanomagnetic effects in longitudinal fields. f ^ 

Of these various effects, the transverse galvanomagnetic effect in a [ ' 
transverse field has been studied most extensively. This is commonly 
known as the Hall effect. The relation between the electromotive force f 
and the variables of the system are given by the eiiuation: 

RHi 

e— jj , 

where H is the field intensity, i is the total current flowing, and D is the 
thickness of the conducting sheet carrying the total current i. R, which 
is the constant of the Hall effect, is a jiroperty of the conductor in ques¬ 
tion. This constant varies greatly for differimt metals and may have 
either positive or negative values. As a rul(>, the effect is greatest in 
substances of relatively low conducting power. It is particularly marked 
in bismuth. Here, however, as might be expected, the value of the coefii- ■ 
cient depends upon the orientation of the crystal. Since the How of 
current in a conductor is influenced by an external magntdic field, it fol¬ 
lows that the resistance of a conductor will be iidluenccd by an (‘xternal 
field. 

At low temperatures, the influence of a magnetic field on the rc'sist- i 

ance becomes marked, particularly for bismuth. K. (limes has shown j 

that at very low temperatures, where metals arc normally in the supra- i 
conducting state, the curves connecting resistance and field strength are I 
similar to those connecting resistance, and temperature. The action of i 
transverse and longitudinal fields differs little. For lead and tin the ! 
critical value of the field strength at which the resistance rises abruptly 
to measurable values lies between .500 and 700 (1. It varies slightly with 
temperature. | 

The various galvanomagnetic and thermomagnetic effec.ts would ap- | 

pear to be of great importance from a theoretical standpoint; for, if a ' 

current is carried by charged particles, the obser\-cd effects must be due 
to the reaction of the field on these particles. It might la^ exjjected that 
the reaction of the field on the movitig j)art iclcs in a nudallic conductor 
would be similar to that observed in the case of the cat hode rays. Actu¬ 
ally, however, the observed effect in the ease of most metallic conductors ( 

Akad, van Wetemeh. Amsterdam M, -I!):! (I'.ll 1). S'''' lUso .1. ('lay, loc. cit. Y 
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in a direction opposite to that observed in the case of p particles, assum- 
g that the conducting particles in metals are negatively charged. Since 
great many facts indicate that the current in metallic conductors is not 
Tried by positive particles, it appears that the various galvanomagnetic 
fects cannot be accounted for by a simple theory of this type. A num- 
)T of theories, that of J. J. Thomson for example, have been suggested 
account for the Hall effect and similar phenomena.®^ At the present 
cne, however, a satisfactory theory of these effects does not exist. In- 
jed, the same may be said of the theory of the conduction process in 
etals under normal conditions. It may be expected, however, that 
timately the thermomagnetic and galvanomagnetic effects will play an 
iportant role in the development of the theory of metallic conduction. 

A detailed study of the properties of conductors in a magnetic field 
ould lead far beyond the scope of the present monograph. The ob- 
Tved facts will be found summarized in the references already given. 

11. Optical Properties of Metals, According to the electromagnetic 
leory, the electrical and optical properties of metallic substances are 
itimately related. The reflecting power and absorbing power of metals, 
3 Cording to this theory, should be very great. From the known values 
[ the conductance of metallic substances, the optical constants of these 
ibstances may be derived for long wave lengths when selective action 
DCS not occur. 

The theory of the optical effects in metals, together with the most 
aportant facts, will be found summarized in treatises on electricity and 
lagnetism and on physical optics.^" 

12. Theories Relating to Metallic Conduction, The theory of metal- 
c conduction, like the tlieory of electrolytic conduction, is still in a very 
Qsatisfactory state. Qualitatively, the theory that the current is carried 
y negative electrons is in good agreement with the facts, but a satisfac- 
)ry (luantitativc theory has not, as yet, been established. The difl&culties 
uifronting a comprehensive theory of metallic conduction are, indeed, 
cry great, as is apparent when it is considered how many detailed facts 
lust be accounted for. A number of theories which have been proposed 
re able to account for a limited number of the properties of metals in a 
xirly satisfactory manner. So, for example, the theories of Drude and 
f Tliomson render an account of the relation between the thermal and 
le electrical conductance of metals and, to some extent, also, of the 
lerrno- and galvanomagnetic effects and thermoelectric effects in metals. 
hi tlie whole, liowever, tliese theories are far from satisfactory. They 

,J. Thomson, Hupp. (U)iL</r. HJiys. .7, 14C, l»iiris (1900). 

““ See, for exaninh*, Winla'lnmnii, llandbuch d. 1‘hysik; Graetz, Handbuch d. Elek- 
•izitiit u. d. Magiiutisinus, etc. 
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are not able to account for the properties of metallic substances at very 
low temperatures. Neither are they able to account successfully for 
the properties of alloys and of liquid metals.-"-'' 

It is obvious that the electrical properties of metallic; substances are i 
extremely sensitive to all agencies. Temperature and density, as well as 
all external forces, have a marked influence upon the electrical properties 
of metals, and particularly on the conductance. So, also, the properties 
of metallic substances are very sensitive to change in the state of the 
system. The formation of compounds, of mixed crystals, or any poly- } 
morphic change is invariably accompanied by a great change in electrical ! 
properties. Ultimately, it would appear that a study of the electrical 
properties of metals, and particularly of metallic compounds, should yield 
some clue as to the constitution of these substances. At the firescnt time 
however, the constitution of metallic substan<-es, and particularly of 
metallic compounds, remains an unsolved i^roblem. 

*®Very complete references to the theories dealinj' with nietallie condiietion nro P-ivor, ) 
by Koenigsberger, loc. cit., p. 385, ahov(‘. b n j 
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-te'inpe'rature coefficie'iit of solutions in 
haloge'ii acids at high concentrations, 
105 

Oondnetion process, relation between metal¬ 
lic and eicctrolytlc, 300 
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conductors, Liuotropic, 402j 

-■ influen^ °‘taUic “nfluence 

?r^?e1s^^re“V“|d2; - metollic 
tlC‘in^dTle&tio^ - variable. 

Cofsfant, lonlaation influence of water on 
in noifl^^bor- 

hood of, 167 

Density coefficient of 

285^ of electrolytic solutions, 

l®®of electrolytic |olut^n&^ as^ a 

function of ’to Hevdwoil- 

frnlvtic solutions, according fo . 

ler TB4; 1- of solutions In acetone, 28^^ 

— of solutions in ethyl alcobol, 287 , 

of oS coSstknts of conductance eauat on, 
90’; - constant, influence of. on^outo; 
tion according to Wdeu, 92. 

stant, influence of salts on, 92. __ 

■nifPiision coeflQcient of electrolytes, 280, 

“ coefflc“eS of electrolytes, in Ptesencc of 

other £5ttrolytes,^2S2^^^^ ^o e 
Dllufli tt’^^onductancc function 

Electricity and matter, 17; — discrete 

EleSrSyt^e\ ^conductance of, in 

15 ; — diffusion of, 280 ; — 1“ 

mixtures of, 218; — loniJiation of, d* , 

— molecular weight of, in solution, d< , 

— principles applicable to mixtures ol, 
220 

Electromotive force and conductance meas¬ 
urements compared, 300; 
concentration cells, 297, 298, - 
of concentration c(‘lls, values^ 

300; — force of concentration cells, tlu - 
ory of, 297; — force of concentration 
cells, with mixed electrol.yt(‘8, 302 
Energy effects in conc('ntration c(‘lls with 
mixed electrolytes, 307 
Equilibria, heterogeneous, 232; — 
geneous ionic, 218 ; — 
hydrolytic, equations of, 22r); — in mix¬ 
tures with common ion, 219 
Ethyl alcohol, conductance of C0CI3 ih— 
at different temperatures, 162 
Ethylamine, conductance of solutions in, 
51; — conductance of solutions in, at 
different temperatures, 199 


Faraday’s Laws, 19 ; — Laws, applicahlllty 
of, 19; — Laws, applicability of. to 
metal-ammonia solutions, 20; Laws, 
exceptions to, 20 

Fluidity, see also Viscosity; — of inix(‘d 
solvents, 187 

Formates, conductance of—compared with 
’acetates in water, 102; — solutions of, 
in formic acid, 101 

Freezing point, comparison of—for solu¬ 
tions of,different salts in water, 232 

Fused salts, applicability of Faraday’s Law 
to, 353; — salts, conductance and fluid¬ 
ity compared, 354; — salts, conductance 
of, 353; — salts, conductance of mix¬ 
tures of, 355; — salts, influence of tem¬ 
perature on conductance of, 354 


Gases, conduction in. 13 
Glass, conductance or, 35G ; — influence of 
temperature on coiuluctanco of, 357 ♦ 
ionization value for, 358; — sneo/l 
ions in, 359; — transference in, 357^ ^ 

Graphite, pure, conductance of, 400 


Hall effect, theory of, 407 

Heat effects in concamtration cells . 

— of dilution of electrolytes, 305 • nf 
neutralization of acids and bases 304 • 

of neutralization of acids and bases and 
ionization constant of water, 304 
Hexane, conductance in, 13, 351 
Ilittorf’s numbers, see Transference 
Hydration, from transference measurements 
IS? ’ concentration orV 

201; — inlluence of—on conductaneo’ 
201; — influence of temperature on 105 

— of ions in water, 198, 200: — 
tive—of ions, 201 

Hydrogen bromide, conductance of methvl 
alcohol in, 49 ; — solubility of—in nres 
ence of electrolytes, 245 ^ 

Hydrolysis, see also Equilibria; — 225 • — 

at low concentrations in water, 228 •’__ 

Ill phenol, 244; — influence of, o*n con- 
ductanc<*, 22S ; —■ of siilts at high tem¬ 


peratures, 150 


Insulutors, co^ductanc<^ of, 351 

Iodine, conductance of, in sulphur dioxide, 

Ion, chlorldi*, conductance of, in fonnir' 

acid, 207 ; —- c<»mph*x io<li{le, 214 • _ 

complex HulphUhs 214 ; conductance, 
independenci' of nature of other ions 
309; conductaiHMs of chloride ion with 
different cations ecjinpartHl, 30<4>; — con- 
<luctunee, of iiotaHslum ion of diffeu'ent 
salts compared, 310; - - iiydrogen, as ox- 
onium eoiin)l<‘x, 205; — hydrogen, con- 

dnetanee of, in formic acid, 207 ; _ hy- 

drog<‘n, in Il(inid ammonia, 206- _ 

hydrogen, nature of, 205; — hy<lroxyl, 
205; — product, constiincv 'of- for 

strong electrolytes, 2<;2; -- pyridonlum, 
condiK'tance <0. In pyridine, 2US 
Ionic Hpc(‘<I, intlnencr of t(‘inp(‘ratnr(^ on, 
124; KP<*(-d. ln!luenc<‘ of viscosltv on. 

in (iiff<*r(‘in. solvimts, III 
Ionization as a result of compound forma¬ 
tion, 322; - ' as im'asnr(‘d by conduct¬ 
ance. 34 ; — as relutc<l to constilutlou 
of electrolyte. 320; - constant of am¬ 

monia ami acetic neid at elevat«‘d tmii- 
T>eratureH, 149; • constant of water. 
225; constant of water and lieat of 
neutralization, 304; - constant of water 

at hSgli temperalurt*. 150; . <l<‘p(m(l(‘nce 

of, on dielectri<’ cfjiiHtant: according to 
Wahhm. 92 : <Iependen(M‘ of, on prop¬ 
erties <tf solvent. SS : ' <lependen(M‘ of, 

on solv(‘ni. 4 8 ; • - <Ierived from osmotic 
and conduetanee meaHurenients com- 
I)ared. 233: • fnefors inlluencing. 318; 

“ - inlluen<*e of temperature on in water, 
1,50: - - of fdeetrolyteji, by fns*zing point 
method. 38; - - nf s.'iH.h of <irganic liascH, 
.321 ; ^ values, t.ible of. 35 

Ionizing ]iower as (i<-p<-ndent on <ri(d(‘etrlc 
('onstant. 318; - - power of Holvents in 
critical region. 319; of solvent 

in relation to con.'ditutIon. 3IH 
Ions, eat.alytie a(‘tlon of, 2S7 ; - eimrge (Ui 
as determined by conditions. .322; 
complex negative. 216,; complexity of 
--ns influems'd Ity temper.atare, 125; —- 
dlmensiouK of as eitleiilated }iy Born and 
Lorenz. 2f)2 ; ■ dimensions of as de¬ 
rived from conduetan<'(\ 292 : hydra¬ 

tion of. in water; nee Hydration. 198; — 
Interaction of, with jiolar mohsmles, 198; 



SUBJECT INDEX 


411 


— intermediate, 217; — intermediate, 
influence of, on conductance, 104 j — in¬ 
termediate, influence of, on dilution func¬ 
tion, 97; — intermediate, influence of, on 
molecular weight, 41 ; — nature of—in 
electrolytic solutions, 198 

Isohydric principle, 219; — principle, ap¬ 
plied to solubility data, 2G2 ; — principle, 
test of, 224 

Law of Kohlrausch, 33; — of mass action, 
applicability of, to ammonia solutions, GO; 

— of mass action, applicability of, to 
aqueous solutions at high temperatures, 
153; — of mass action, applicability of, 
to dilute aqueous solutions, 98; — of 
mass action, applicability of, to elec¬ 
trolytes, 41; — of mass action, appli¬ 
cability of, to non-aqueous solutions, 53; 

— of mass action, applicability of, to 
solutions in formic acid, 101; — of mass 
action, applicability of, to weak elec¬ 
trolytes, 43; — of mass action, devia¬ 
tions from, in ammonia, 58, 80 ; — of 
mass action, graphical treatment of, 54; 

— of mass action, limited applicability 
of, 238; — of mass action, theories of 
deviations from, 90 

Lead, complex anion of, 210 

Lithium hydride, conductance of, 304; — 
hvdride, nature of conduction process in, 
305 

Mass-action constant, dependence of, on di¬ 
electric constant, 90 ; — constant, tal)le 
of values of—-for difl'erent solvents, 02; 

— constant, table of values of—for or¬ 

ganic electrolytes in ammonia, 00; — 
constant, tai)le of values of—for salts in 
ammonia, 59 ; — constant, table of val¬ 
ues of—in acetoms 02; — function, 
form of, for salts of higher typos in am¬ 
monia, 108 ; — funetion, in ammonia and 
water comi)ared, 55 : — fuiudlon. in am¬ 
monia solutions, KNOjt, 55 ; ™ f\in(;tlon, 

influence of temperature on, 153, 150; - - 
function, for aqueous KCl solutions, 45; 

— function for M€l in wat(ir, 45; 

— function, varintion of, for higher typt* 
salts in wat<‘r, 100, 107 ; —- la w of, sea 
Law 

M<‘tal-ammonla solutions, ammonlatlon of 
n<‘gative' (declron in, 374; --- solutlous, 
atomic conductance of cori(!(‘utrat(*d solu¬ 
tions, 380; - - solutions, comph^xes 

formed in, 307; .- solutions, coiiduct- 

iuic<‘ of sodium in, 37(5; — solutlous, ecpil- 
llt)rla in, 371 ; - solutions, limiting con- 
duclam*<‘ of iK'gatlve (d(‘<fl:roii In, 377; — 
solutions, imdhod of <l(‘termiuing rela¬ 
tive; speed of ions in, 372; - solutions, 

molecular W(‘!ght det<‘rniinatioiiH, 307 ; — 
solutions, natur(‘ of carrhu's in, 309; — 
solutions, propertl(*H of, 300 ; — solullons, 
relativ(‘ spc'cd of ions in, ininundcal val- 
T (^H, 373; - - solutions, Kp(‘clflc <ron<lu(‘t" 
ance of couc<‘ntrat(‘d solutions In, 378; 

— - HolntlouH, temv)erature coeflh^bmt of. 
382; — HoliitloiiM, transLuamce eff(‘Cts 
in, 308 

Methyl alcohol, conductance of salts in— 
near critical point, 109 

Methylamlne, conductance of KT in, 50 ; — 
conductance of KI in, Jit dllTeiaujt t(‘m- 
peratnres, 104; — condu(!tance of solu¬ 
tions in~at different t(Mnp(‘ratureK, 159 

Metallic alloys, nee Alloys; conduction, 
theories of. 407 

Metals, sea also Alloys; see also Con¬ 
ductors. Metallic; - see also Variable 

Conductors; — atomic conductance of, 
387 ; change of n^sistanci^ of, due to 
chang(‘ of state, 389 ; — change of spe¬ 


cific resistance of—on melting, 388 ; — 
compound, 384 ; — conduction of solu¬ 
tions of—in ammonia, 20; — conduc¬ 
tion process in, 385 ; — effects in—under 
acceleration, 380 ; — elementary, resist¬ 
ance-temperature coefficient of, 387, 391 * 
-- elementary, resistance-temperature co¬ 
efficient of, at constant volume, 393 ; — 
elementary, resistance-temperature coeffi¬ 
cient of, in liquid state, 392 ; — galvano- 
niagnetic properties of, 405; — Hall ef¬ 
fect in, 400; — influence of impurities 
ou conductance of, 400; — influence of 
temperature on conductance of, 389 ; — 
influence of temperature on conductance 
ol, at low temperatures, 389 ; — nature 
of, 384; — optical properties of, 407 ; — 
properties of, 384; — relation between 
thermal and electrical conductance of, 
403 ; — specific resistance of elementary, 
380 ; — state of, 384 ; — supraconducting 
State of, 390; — thermal conductance of, 
403 ; — thermal conductance of, at low 
temperatures, 403; — thermoelectric 

properties in, 404; — thermomagnetic 
properties in, 405 ; — transference effects 
in, 385 

Mercury methyl, properties of, 213 

Mixed solvents, conductance in, 120; — 
solvents, fluidity of, 187 

Mixtures of electrolytes, equilibria in, 218; 

— of electrolytes, freezing points of, 234 

Molecular weight, determination of, by 

vapor pressure method, 238; — weight, 
from osmotic data, 232; — weight in 
non-aqueous solutions, 239; — weight 
in sulphur dioxide, 239; — weight of 
electrolytes by freezing point method, 38 ; 

— weight of electrolytes in solution, 37 ; 

— weight of electrolytes in water. 232; 

— weight of electrolytes, limitation of 
rmflhod of determining, by osmotic meth¬ 
ods, 40 

Optical properties of electrolytes, absorp¬ 
tion coefficients in water and methyl alco¬ 
hol,. 295; — properties of electrolytes, 
absorption curves, 294; — properties of 
cloclrolytes, extinction coefficients of 
a<!<dyloxlnd()u salts in alcohol, 207; — 
properties of electrolytes, extinction co- 
effi(dcnts of ac(‘tyloxindon salts in water, 
290; --- ])rop(‘rti(‘s of eleetrolytes, extinc¬ 
tion coenici(‘nt8 of the chromate ion, 293; 

— properties of electrolytic solutions, 
292 

lN)taHHium iodide, correction of conduct- 
anc(‘ of, for viscosity, 110 

IM’(‘ssure, influence of, on conductance, 129, 
134 ; — influence of, on conductance, at 
(liffi'rent concentrations, 134 ; — influence 
of, on conductance, due to viscosity 
clmnge in non-aipieoiis solution, 142; — 
influence of, on conductance, in non-aque- 
ouH solvents, 139; — influence of. on con¬ 
ductance, of alcohol solutions, 139; — 
influence of, on conductance, of different 
(fl<‘ctrol.vteH, 131 ; — influence of, on con¬ 
ductance of KCI in water, 129; — in¬ 
fluence of, on conductance, of weak elec¬ 
trolytes, 13(5; — influence of, on electro¬ 
lytic conduction, 12Gffi—Influence of, on 
viscosity of solvent, 120 ; — influence of, 
on viscosity of solutions, 127 

Propyl alcohol, influence of water on con¬ 
ductance of solutions in, 178 

Reactions, electrolytic, 10; — electroly¬ 
tic, in ammonia, 314 ; — in ammonia and 
water, compared, 314 ; — in electrolytic 
solutions, 312; — in solvents of low di¬ 
electric constant, 317 
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Salts,’ conductance of bigbcr types of, 104; 
i- complex nietal-ammoma. 200 , -7 cuin- 
niex metal-ammonia, conductance ot, -H , 
1 - complex metal-ammonia, ionization ol, 
211 . complex metal-ammonia, W ernei a 
theory of 210 : — fused, sec Iniaed salts, 

_ of^ higher types, conductance ol- at 

hiffher temperatures in water, ; 
solid, applicability of Faraday s l-»av\ to, 
3 (j 2 • — solid, change ot conductance at 
transition point, 3U2 ; — solid, con<iu( t- 
amie of, 359 ; — solid, conductance ot, 
at different temperatures 300 ; 
conductance of, lithium hydride, st ^ 
thium hydride, 304; — solid, coiidiRt- 
Scc of niixtures of, ^03; -7 
conductance of. in ariponia lOo, los. 
ternary, variation of conductance lune- 
tion for—in water, 100 
Sodium acetate, conductance of, in watei, 
102 ; — plumbide, electrolysis of, 13 
Solubility experiments, assumptions urulcr- 
lying interpretation of, 204 ; experi¬ 
ments, constant concentration ot mi; 
ionized molecules in, 202; — IlarkiiiH 
theory of influence of intermediate loiis 
on 277; — Influence of complex ions (»ii, 
267; — influence of electrolyte on in 
ethyl alcohol, 230; — of eiectrolyti's 111 
presence of common ion, 2.)4 ; —- or elec¬ 
trolytes in presence of other (deetrolytes, 
254; — of electrolytes in salt mixtures, 
BrOnsted’s theory of, 337 ; — of gases, 
influence of electrolytes on, ; 7 - of 
higher types of salts, theory of, 2 i.»; - - 
of lithium carbonate in pn^senei* of non¬ 
electrolytes, 252; of non-electrolytes 
in presence of electrolytes, 245 ; • of 
non-electrolytes, influence of el(‘ctrolytes 
on, 249; -- of non-oleetrolytes. inllmmc*.' 
of organic salts on, 250; ■— of salts in 
presence of non-electrolytes, 251, 253; -- - 
of salts In presence of otlnu* sails, Ian 
thanum iodate, 274; — of salts in pn*s 
ence of other salts, l(‘nd iodat(‘. 27<i : 
of salts in presence of other salts, silviU* 
sulphate, 268; — of salts in pro.MMH-** 
of other salts, strontium clilorido, 271 : 

— of salts in salt mixtures. Hut 

modynamlc treatment. 335; <»f salts 

of high type in pres(‘nc<^ of other sall«. 
268; — of strong electrolytes in pr«'s 
ence of other eh'ctrolytes withoiit etun 
mon ion, 2(58; — of strong electr<»lyt<‘S 
in presence of other strong <*l<*<’trolytc>, 
261; —■ of TlCl in presence of <itlier elec 
trolytes, 2(51; — of \v(*ak aei<ls in pro 
ence of other acids, 25(5 

Solutions, aqueous, molecular widght in. 
232; — electrolytic, 15; - cIjm*! rolyt ie. 
conductance of, 215; — (‘Icctrolyth’. <Ien 
sity of, 283 ; — eh'ctrolytlc. <‘<{uililu’ia in. 
16; — electrolytic, non-nfjueous, 16: 
electrolytic, optical properties of. 292; 
electrolytic, reactions in, 1(5, 312: 
electrolytic, thermal projterties of. ; 
—electrolytic, various proixu’tles of. : 

— non-aquoous, moleeulnr weigld in. 23*.» 

Solvents, mixed, conductance in, 176: 

mixed, ionization in. 177; . pure, cem 

duction process in, 352 

Sulphur dioxide, conductance of KI in. IT : 

— dioxide, conductanee of solutions in 

at different temperatures, 155 ; <lin\i<I(‘, 

molecular weight of solutions in, 23‘.( 

Tellurium, complex anion of, 215 

Temperature, conductance of acpicoua solu¬ 
tions at elevated. 14(5: influenc(‘ of. 

on conductance, 122, 144; • intluenco 

of. on conductance of ammonia solutions. 
145; — influence of, on conductance of 
methylamine solutions, 146; influence 


of. on eoiHluetaue<‘ of iiou-aqiieoua am,, 
lions, ir.-l ; . inlluonou of.Tu "onZ; 

ane<* of solutions, .>1 ; — 
conductniu-e t,f solutiouK in anihms 
- - inllueuce ot. on eonstants of con 
duetanc<‘ (*<iuatnm, l.)6; ..... iiiUiionnA ni' 

<»n ioni/.ullon c<»nstaiitH, 149* .- in?huin^5 

<.f, on ionizath.n of salts, 150 
Tlieori<‘s of elccdrolytic solutlonH; mimd 

Th<‘ory, ionic, IT ; ionic, origin of 0-1 . 

of Uerzelius, 20; - <,f electrolytic VolT 

(ions, irom tluTiuodynainic stauduS' 
324 ; of electrolytic S(>luti<)nH (ilioS 
310; of idcctrolytic solutions,’ (J 
coinpare<l with experiunnits, 341 • _!: 
ot elt‘ctrolyt i(* solutions, Hertz’s *345* 
t>f eh‘ciroI.\tic s«duti«»nH, iiieoiisistcn’ 

V'-,: ^ hZhZ': 

1. •. ’ ' .. '■'''‘•ti'ol.vtli; Koliitlons 

limitations o| lor strong electrolytes’ 

; c cctrolytu- solutions, Malm- 

stroms ami KjelHn’s, 339; of oIpc. 
trolytlc .solutions, Milner’s, 343- 
eh*ct roly tic solutions, pn‘sent state of 
*^'**\*jT* <»t’ntthUHs, 206; 

Tlmrmal properties of electrolytic solutions, 

Thonmtdyiiamlc i>ot»‘ntiaI <»r electrolytes 
and ch-etronioti Vo force. 29S ; ... proper¬ 

ties of elc«’tnd\ ti«’ solutiims 3‘*H • 1— 
proport h‘H of ele<-t roly tic solutions,’ nu- 
nuTical values, ' 

fl’ransforoneo oiTeots n<’eompan.ving the cur¬ 
rent. 21; numiM-rs, by m'oving hoiiml- 
nry method. 23; uuml>ers, clmnge of 
at I<»w e<»ncentrati<uis, ;{P7 ; immlxTs’ 
<’hango of. f<tr strong aei<Is, .' 167 ; — num- 
Imts. dotinitif»a of. 21 ; mimlKTs. In 
ammonia. 61; numlMTs. Inlhimice of 
<’omph'\ i«ms on. 21; numbiu's. Intlu- 
oiioo of coio’onf rafiim on, 2 1 ; iuuuIhu'h, 
intlueneo of hydration on, 22, IPS; X 
numlMT'^. intlueneo of temiieralun* on, 2 ( 5 ; 

• numhers, im thods of <h*lerminlng. 22* 
nuiiitMTs tahlo of, 25; mniibers! 
inio. 266; numhors, true, relation of 

to or«liiiary, 199 

\'an't IJotf'M t.'iotor, .'is ; faetor, limiting 
V aJuo of. 1 j 

\'arlaldo eoioiuctor’-. ohan'p’ of (•ondmlance 
at Irauhition point’, PH ; eomiin'tors, 

.'•po<'ili<» I'ondm’tanoo of. jmi; (!«mdiic- 

loi-'S tliormal (‘omiuetanoo nf, -Mt.'t 
Volooify of roaetjons as inflnen<‘ed by ions, 
2S7 

ViM-owity ohango duo to salts in diffi'nmt 
s<.hints. !I2: ohango, Inlhienee of — 

duo to non oil of ro!> to ;, on ettinlm‘tanc(‘, 

I 19. 121 : doiH-mlonoo of un <liel(*('- 

trie eoio tant. I I'.! ; offoot, <-orr<'('tlou 
of oojiduotatH'o lor. III; i-ffi’et. nega¬ 
tive*. 113; iiPhnojoe of ••oneentratinn 
on. 112; int’iiono. of on eondnetance, 
III : inninno. of. on e’ondm'tama* In 

mixod ’ohont , 176; intlumn'e* of on 
eomlnclajua* in non aepioous solutions, 
IIS; inthiouc** of. <in eon<lu<’lanc(‘ of 

•■oin't-nt ra foil mdufion ', 116; inlhumia' 

of on eoTiduefanoo of ilifforont ions, 114; 

ionio 'ipootp: in <liffer(*nt 
inlliionco of, on A„ 
illtjoneo of pressure on 


• inf’iioio'o of. on jo 

solvonf . Ill: 

valnov. lop : in! 

in difl’oront 
of loniiM-ral nja* on. 
at hoiling point. <'»i 
35 t; of mi\od • 

W.'itor. Infltjonoo of 
aejd*- in aleohid'-. 
tlon constant of, 22 


n ionic 'ipootl 
in lliioncc 
inlltjonco of 
*U«*nts. U3; 
on. 113; 


inlluence 
of ainmoniii 
fused salts, 


eon<luclanc(‘ of 
1.S6; ■ loniza- 
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cree, 291; — see Loomis; — see Robort- 


dams, 233, 234, 343; — and Lanman, sec 
Lewis 
kerlbf, 292 

llmaiid and Polack, 300, 334 


nagat, 130 
adrews, see Kendall 

rcliibald, 49, lOG, 20;"); — and McIntosh, 
see Steele 
rgo, see Oibson 

LThenins, 17, 18. 21, 34, 37, 38, 42, 54, 219, 
221, 225, 2G7, 280, 281, 287, 291 
rogadro, 341 


aedeker, 385 
aldwin, see Cady 
lancroft, (58 

ates, (59 ; — and Vinal, 19 
leattie, see Macinnes 
ledford, 233 
lekier, see Bruner 
lenedicks, 388 
tenrath and Wainoff, 3r>4 
lerzelins, 20, 21 
tilt!!, 249, 3(57 

tlngham and MeMaHt(‘r, see Jones 

tishoj), see Kraus 

tisHon, see. Randall 

tjerrum, 331, 337 

Jlan chard, 119 

torn, 202. 203, 204 

t(ittger. 228 

tousibdd and Lowry, 114 
traun, 249 
traune, 185 

tray, (58, 2(5(5; -. see Kraus; ~ - and Hunt, 

222, 2(57 ; - - and MacKay, 214 ; — and 
WinningholT, 2(51, 2(52, 2(55 
O’idgnian, 390 

Irigiiton and S(4)aHlian, see la^wis 
5ronst(‘d. 331. 333. 3,37, 3,38, 3,39 
5runer and B(‘ki<'r, ,322; — and (Jalecki, 
322 

Iruyn, Ta>bry de, 198 
■tuchbr>ek, 198 
tunting, aeo Sehlesing<‘r 


huly, 3(57, 37,3; - see Franklin. — arid 
Baldwin, ,317; atid Liclit:(‘nw<Mll(‘r, .’517 
hildw<‘]l, .see Ilantzseh 
"allis, ,321. 35.3; and (Iveer, 318 
’alv(‘rt, sec Schh'singc'r 
3u'lisle, sec Nicholson 
’avanagh, 31.3 
V'nt n<‘rs7.W(M’, see \Vald<‘n 
’haninan and (;(H)rg<‘, 340 
"31 ill. 215 
■^Uow. ,303 
’lark. 121 
11 ah si us, 34 
"3aV. 389. 400, 40(5 
"’o(‘hn. 213 

'k)lH‘n, 12(5. 127. I.'tl, 1.34. 1,38 
^olenian, see Meltain ; - see 8ehh‘sing(‘r 

’roninudin, .389 
■'’uHlunan, .vrr Rand.all 


hi lion. ,32(5 
OaniUM'l, 20(5 
harhy, 49. 79. .357. .358 
)ayis ami .Toiu's, 113 


Davy, Sir Humphrey, 19 
Dawson and Powis, 290 
de Briiyn, Lobry, 198 
Dennison and Steele, 310, 311 
de Szyszkowski, 69 
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